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THE MEASUREMENT OF THE ABSOLUTE RATES OF REMOVAL 
OF LEAD AND TELLURIUM MIRRORS BY A FREE RADICAL 
STREAM! 


By D. M. MILLER? AND C. A. WINKLER 


Abstract 


Two new methods for measuring the rates of removal of mirrors in a Paneth 
apparatus have been developed. By measuring the rates of removal of lead and 
tellurium mirrors it was shown that the same number of radicals react with each 
atom of both metals. It is suggested that lead dimethyl and tellurium dimethyl] 
are the compounds formed. 


Introduction 


Since it was first shown by Paneth and Hofeditz (5) that metallic mirrors 
could be removed by free radicals a number of methods have been devised to 
measure the rate at which the mirrors disappear. Prileshajeva and Terenin 
(6) made use of a lamp and photoelectric cell and measured the change in 
optical density of the mirror as it was being removed. Leighton and Morten- 
sen (4) used mixtures of Radium D, E, and F as mirrors and measured their 
rate of disappearance by the effect of the radiation on a §-ray electroscope 
placed near the mirror. The products were caught in a trap, treated with 
excess bromine, evaporated under vacuum, and the residue tested by the 
electroscope. This method was used only in a qualitative way, to show the 
existence of radicals of which the concentration was too small to detect in any 
other way. Burton, Ricci, and Davis (1) also used this method but modified 
it by passing the products through a cracking furnace which decomposed the 
metal alkyl and formed a new mirror. The portion of the tube with the new 
mirror was cut off and treated with dilute nitric acid to dissolve the active 
lead. The acid was evaporated and the activity of the residue measured by a 
Lind electroscope. Feldman, Ricci, and Burton (3) used long heavy lead 
mirrors to remove the radicals. The products in the trap were analyzed by a 
micromethod to determine the amount of lead removed. Whittingham (7) 
followed the disappearance of lead mirrors by measuring the change in their 
electrical conductivity as a function of the mirror thickness.: Most of these 
methods are, however, only comparative rather than absolute; that is, the 
actual number of moles of metal removed cannot be found directly. 


1 Manuscript received January 29, 1951. 
Contribution from the Department of Chemistry, McGill University, Montreal, Que. 
2 Holder of a Studentship under the Nationa! Research Council of Canada. Present address: 
Science Service, Department of Agriculture, London, Ont. 
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The present work is concerned with the development of two methods for 
measuring the absolute rate of removal of lead and tellurium mirrors; the first, 
a direct weight method, the second a radioactive method. 


I. Direct Weight Method 


In this method the amount of metal removed was measured by the change 
in weight of a mirror deposited on a metallic form suspended from a quartz 
spiral balance (Fig. 1). 
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Acetone vapor, as a source of free radicals, was pumped through a vertical 
quartz tube heated at its upper end by an electric furnace. The form on which 
the mirror was deposited was connected by a long quartz fiber to a calibrated 
quartz spiral, so as to be freely suspended in the tube a short distance below 
the bottom of the furnace. The top of the quartz fiber was bent to form a 
circle at right angles to the fiber. During periods of flow this ring rested on a 
forked support moved into place by a magnet. The position of the form was 
thus fixed during an experiment. 
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The top of the spiral was attached to a weight counterbalanced by an iron 
weight enclosed in glass, to which it was connected by a silk thread. The form 
could thus be raised and lowered by moving the counter weight with a magnet. 


Deposition of the mirror presented the greatest difficulty. The first 
method attempted was to lower the form into a well at the bottom of the tube 
containing a chip of tellurium, and to sublime the tellurium on to the form. 
However, the form, which was of low heat capacity, was itself warmed up, 
thus preventing the tellurium from condensing on it. By making the form a 
tapered cylinder open at both ends and lowering it into a constricted well of 
the same taper, the form was cooled by contact with the glass and the tellur- 
ium could then be deposited on the inside surface. 


The procedure used in making an experiment was very simple. The 
forked support -holding the spiral in position was withdrawn and the form 
lowered into the well where a mirror was deposited. The form was again 
raised, the position of the bottom of the spiral noted with a cathetometer, and 
the support moved into place. Acetone vapor was then passed through the 
system for a measured length of time, after which the system was evacuated 
and the position of the bottom of the spiral again determined with the cathe- 
tometer. From the change in extension of the calibrated spiral the change in 
weight of the mirror could be readily deduced. 


To test the reproducibility of the results obtained with this apparatus, 
several mirrors were deposited and subjected to the free radical stream. The 
results are given in Tables | and II. 


For the results in Table I a platinum form was used, while those in Table 
II were obtained using a lighter aluminum form and a more sensitive spiral. 
The aluminum form was probably rendered inert by the cohesive layer of 
oxide on its surface; in any case, it appeared to be entirely satisfactory. 


‘In Table I, Expt. 6b may be rejected since the mirror was probably de- 
pleted during Expt. 6a. No explanation can be offered for the high value of 
1.35 mm. extension. The average value, if Expts. 3 and 6) are discarded, is 
0.83 mm., the average deviation being 0.06 mm., or 7%. 

TABLE I 
PLATINUM FORM, 5 CM. FROM FURNACE. —TEMPERATURE OF FURNACE, 815°C. PRESSURE 
2.5 MM. (AT INLET TO TUBE). TIME CF FLOW, 5 MIN. 








Change in extension 


=xperiment number* : 
Experiment nu of spiral, mm. 





ss 
| 


1 0.85 
2 0.85 
3 1.35 
4 0.70 
5 0.80 
6a 0.95 
6b | 0.50 








* 


The numbers indicate mirror deposited, while the 
letters indicate number of experiments on the same mirror. 
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TABLE II 


ALUMINUM FORM, 7 CM. FROM FURNACE. TEMPERATURE OF FURNACE, 870°C. PRESSURE, 
2.5 MM. (ATINLETTOTUBE). TIME OF FLOW, 6 MIN. 








Change in extension 


. * 
Experiment number of spiral, mm. 





1 0.80 
2a 1.60 
2b | 1.80 
2c | 0.90 
3 1.75 
4 1.80 
5a 1.85 
5b | 1.50 
6 | 1.55 





* The numbers indicate mirror deposited, while the 


letters indicate number of experiments on the same mirror. 


In Table II, Expt. 2c gave a low result owing to depletion of the mirror. 
If Expts. 2c and 1 (which was unaccountably low) are discarded, the average 
value is 1.69 mm. with an average deviation of 7%. 


The number of radicals reacting with the mirror can be obtained directly 
from the weight of metal removed. Thus it can be seen that this method is 
absolute rather than comparative and that it provides a rapid and fairly repro- 
ducible means of measuring the rate of mirror removal. 


II. Radioactive Method 


This was a refinement of the method of Leighton and Mortensen (4). 
Radioactive lead and tellurium mirrors were employed in the usual Paneth 
apparatus, and the products of the reaction caught in a liquid air trap. The 
metal alkyls were converted to nonvolatile salts, the excess organic material 
evaporated, and the radioactivity of the residue compared with that of a 
weighed standard sample, to determine the weight of the metal removed. 


Experimental 

Dimethyl ether and acetone were used as radical sources. The organic 
vapor was carried through a quartz tube of 25 mm. diameter heated electrically 
and then through an 8 mm. quartz flow tube in which the mirrors were 
deposited. In all experiments the velocity of the vapor in the flow tube was 
3500 cm. per sec., the pressure at the mirrors being 0.87 mm. The mirrors 
were all deposited in a stream of hydrogen with the leading edge of the first 
mirror 11 cm. from the furnace and the length adjusted to 2.0 cm. In experi- 
ments in which two mirrors were used, the second mirror was 2.0 cm. from the 
first and was itself 2.0 cm. in length. 


The procedure used in making an experiment was as follows. The mirror 
metals were contained in side arms from which a portion of them could be 
distilled into the flow tube in a stream of hydrogen to form the mirrors. The 
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organic vapor was then passed through the system with the furnace at about 
800°C. When the required time (usually an hour) had elapsed, the flow was 
stopped and the trap containing the products removed. Ten cubic centi- 
meters of 20% nitric acid was added to the trap and its temperature slowly 
raised to the boiling point. This solution was then transferred by small 
portions to a 35 mm. watch glass and evaporated under a heat lamp. The 
activity of the sample thus prepared was compared with that of a standard 
sample of the same metal by means of the usual counting equipment. Since 
the activity of the sample was proportional to the amount of metal present, 
the number of moles of metal removed from the mirror could be calculated. 


Standard samples of both metals were prepared by weighing out about 
50 mgm. of each metal, dissolving in acid, and diluting to 25 ml. with water. 
A 1 ml. sample of each solution was evaporated on a 35 mm. watch glass to 
form the standard. 


To test the accuracy of the method, weighed chips of the radioactive metals 
were distilled onto the walls of the flow tube and totally removed by passing 
acetone vapor through the system. The weight of metal found in the trap, as 
determined by the counting technique, agreed within 3% with the known 
weight of the mirror. In actual experiments, heavy mirrors were used which 
were only partly removed, and very little change in the appearance of the 
mirror could be noticed during an experiment. The mirrors were redeposited 
before each experiment. 


Results and Discussion 


A number of determinations of the rates of removal of lead and tellurium 
mirrors were made using both acetone and dimethyl ether as a radical source. 
The average deviations for about ten determinations range from 9% for tel- 
lurium to 20% with lead. The average rates of removal found with acetone 
as a radical source were: 

7.3 X 107° mole tellurium per min. (1) 
7.7 X 107° mole lead per min., (2) 


and with dimethyl ether as a radical source: 


7.0 X 10~§ mole tellurium per min. 
6.7 X 107-8 mole lead per min. 


That the same rate of removal should be found for both lead and tellurium 
is quite unexpected since the compounds formed by the reaction of the radicals 
with the mirrors are Pb(CH3)4 and Te(CHs3)2, and twice as much tellurium as 
lead would be expected to react with the same number of radicals. It was 
thought possible, however, that the tellurium mirrors were only half as efficient 
at removing methyl radicals as lead. To test this possibility, inactive mirrors 
placed in the usual position were followed at 2 cm. by radioactive mirrors of 
the same dimensions. With acetone as a radical source the rates at which the 
second mirrors were found to be removed were: 
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First mirror Te, second mirror Te, 2.3 X 107% mole Te per min. (3) 
First mirror Te, second mirror Pb, 1.9 K 107% mole Pb per min. (4) 
First mirror Pb, second mirror Pb, 1.8 X 107° mole Pb per min. (5) 
First mirror Pb, second mirror Te, 4.4 X 1078 mole Te per min. (6) 


From the relative rates of removal of the first and second mirrors the 
efficiency, e, of the mirrors themselves can be found thus: 





, : 1 7.3 

For tellurium: on = 23 ~€ = 6.69 
.° fe a 

For lead: ones 13°¢ = 08% 


The number of moles of radicals arriving at the first mirror per minute may 
be obtained as 
am (moles metal consumed) 





e 


where r = number of radicals consumed per atom of metal. If it is assumed 
that lead tetramethyl and tellurium dimethyl are formed, the values of 
determined from (1) and (2) are 2.1 X 1077 mole per min. and 4.0 K 107 
mole per min. respectively. On the same basis, the rates of removal of radicals 
by both mirrorsare: 1.9 X 1077 mole per min. from (1) and (3) 
2.2 X 1077 mole per min. from (1) and (4) 
3.8 X 1077 mole per min. from (2) and (5) 
and 2.9 X 1077 mole per min. from (2) and (6) 


On the other hand, if it is assumed that lead dimethyl and tellurium dimethy1 
are formed, the values of m are 2.1 X 1077 mole per min. and 2.0 K 1077 mole 
per min. from (1) and (2) respectively, and the rates of removal of radicals by 
both mirrors are: 
1.9 X 1077 mole per min. from (1) and (3) 
1.8 X 1077 mole per min. from (1) and (4) 
1.9 X 1077 mole per min. from (2) and (5) 
and 2.4 X 1077 mole per min. from (2) and (6). 


Comparison of the two sets of calculated values would appear to favor the 
assumption that lead dimethyl, rather than lead tetramethyl, was formed in 
the experiments. Alternately, it might be assumed that tellurium tetramethy] 
and lead tetramethyl were formed, but there appears to be no evidence in the 
literature for the existence of tellurium tetramethyl, while some dialkyls of 
lead have been reported (2). 


The high value of 2.4 K 1077 mole per min. for the rate of removal of 
radicals with a lead—tellurium combination of mirrors might be due to reaction 
between unstable lead dimethyl and the tellurium mirror: 


Pb(CHs3)2 + Te ———-— Te(CHs)2 + Pb. 





Occurrence of such a reaction would correspond to an apparent increase in rate 
of removal of radicals by the two mirrors. 
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THE SYNTHESIS OF AMINO ACIDS FROM 2, 3-DIHYDROFURAN 
pL-ORNITHINE, p_t-PROLINE, AND 
pL-a-AMINO-5-HYDROXYVALERIC ACID! 


By ROGER GAUDRY 


Résumé 


Le y-hydroxybutanal obtenu par hydrolyse. acide du 2, 3-dihydrofuranne est 
traité par le chlorure d’ammonium, le cyanure de potassium et le carbonate 
d’ammonium pour étre transformé en 5-y-hydroxypropylhydantoine; I'hydro- 
lyse de ce composé par l’hydroxyde de baryum sous pression donne I'acide a- 
amino-6-hydroxyvalérianique ou pentahomosérine. La 3-phényl-5-y-hydroxy- 
propylhydantoine est obtenue par traitement de la pentahomosérine avec |’iso- 
cyanate de phényle et chauffage en milieu acide. En y faisant barbotter HCl 
sec 4 chaud, il se forme la 3-phényl-5-y-chloropropylhydantoine qui, en milieu 
alcalin donne la 3-phényl-1, 5-triméthylenehydantoine ou 3-phénylhydantoine 
de la proline. Mais en cherchant 4 préparer la phénylhydantoine bromée 
correspondante, la 3-phénylhydantoine de la proline s’obtient spontanément. 
De plus, la 5-y-hydroxypropylhydantoine est transformée par HCl en 5-y- 
chloropropylhydantoine qui, par amination et hydrolyse, donne l'ornithine, et 
par hydrolyse acide sous pression et traitement alcalin, donne la proline. 


Introduction 
In a previous paper (1), we showed that 2,3-dihydropyran is an excellent 
starting material for the synthesis of DL-lysine and DL-a-amino-e-hydroxy- 
caproic acid, a lysine antagonist in mammals (4). 


We have now applied the same series of reactions to 2,3-dihydrofuran (V), 
and studied the possibilities of the method for the preparation of DL-ornithine 
(XIII), DL-proline (X) and DL-a-amino-6-hydroxyvaleric acid (XIV), which 
was needed for biological investigations.? 


2,3-Dihydrofuran (V) has been prepared by the reaction of tetrahydro- 
furfuryl alcohol vapor over a nickel catalyst (10); by high temperature decom- 
position of vapors of tetrahydrofuronitrile and of methyl tetrahydrofuroate 
(11); and by heating 2-alkoxy-3-chlorotetrahydrofuran with sodium (3). Re- 
cently, it was shown that it could readily be prepared in large quantities in the 
following way: by condensation with two moles of formaldehyde, acetylene (I) 
is transformed into butynediol (II) which is catalytically hydrogenated to 
butenediol (III), followed by dehydration into 2,5-dihydrofuran (IV) (7). 
Isomerization of this compound in alkaline solution gives 2,3-dihydrofuran 
(V) (5). 

CH=CH + 2CH.O ———————> HO-—CH.—C=C—CH:;0H 


I II 
He —H.0 
———————F BO—Ch.—ta=ta-—-cCaAse + 
III 
Ch CH.-—CH 
CH: CH: -——_—___-» CH: CH 
x rs \ f 
‘O ‘Oo’ 
IV Vv 


1 Manuscript received March 15, 1951. 
Contribution from the Department of Biochemistry of the Faculty of Medicine, Laval 
University, Quebec, Que. 
2 The biological properties of this amino acid to which the name ‘‘pentahomoserine’”’ has 
been given, will be reported elsewhere. 
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In aqueous acid solution, 2,3-dihydrofuran (V) hydrolyzes to y-hydroxy- 
butyraldehyde (VI) which is allowed to react, first with ammonium chloride 
and sodium cyanide to give the corresponding aminonitrile and then with 
ammonium carbonate to give 5-y-hydroxypropylhydantoin (VII). This hydan- 
toin is difficult to crystallize because of its extreme solubility in water and 
alcoho]. It was therefore immediately hydrolyzed wth barium hydroxide under 
pressure to give a 55 to 60% over-all yield of DL-a-amino-d-hydroxyvaleric 
acid (XIV). This amino acid has already been prepared by hydrolysis and 
decarboxylation of 6-acetoxy-a-phthalimidopropylmalonic ester (9) and by 











pe 
“ Z > HO-CH 27 CH, -CH,-CHO 
7 
0 
Vv V1 
CO-NH CO-NH 
iii | — HO-CH ,-CH ,-CH ,-CH | 
NH-CO NH-CO 
VIII VII 
| noon : COOH 
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Ix NH, xIV NH, 
J 
CO-NH 
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NH -CH -CH.-CH -CH | 
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NH-CO 
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reductive amination of a-keto-é-valerolactone (6), but these methods are im- 
practical for its preparation in large quantities. 


By treating this amino acid with potassium cyanate, followed by hydro- 
chloric acid under reflux, it has been possible to obtain in a nearly pure state 
5-y-hydroxypropylhydantoin (VII) which crystallizes out slowly when most 
of the water in which it was dissolved has evaporated. This crystalline hydan- 
toin, or the crude one obtained directly from 2,3-dihydrofuran (V) is trans- 
formed into the corresponding 5-y-bromo- and 5-y-chloropropylhydantoins 
(VIII) by heating it with concentrated hydrobromic acid, or by bubbling 
gaseous hydrochloric acid into the dry, fused hydroxypropylhydantoin (VII). 
These halogenated hydantoins, when treated with an excess of ammonium 
hydroxide, give 5-y-aminopropylhydantoin (XI), which on hydrolysis yields 
pL-ornithine (XIII). In spite of various attempts to increase the yield of orni- 
thine (XIII), it never exceeded 32% calculated from the chloro- or bromo- 
propylhydantoin (VIII). One reason for this seems to be that during the 
amination reaction, some of the halogenated hydantoin cyclizes to the hydan- 
toin of proline. 


If the crude or the pure 5-y-chloropropylhydantoin (VIII) is hydrolyzed 
under pressure in a sealed tube in the presence of concentrated hydrochloric 
acid, the hydrochloride of DL-a-amino-é-chlorovaleric acid (IX) is obtained, 
which, by standing at room temperature in the presence of alkali, cyclizes to 
DL-proline (X). 


A 33% over-all yield of pure DL-proline (X) from 2,3-dihydrofuran (V) was 
¢ ; ; 

obtained when the reactions were carried out without isolation of any inter- 

mediate compound. 


DL-Proline (X) has also been made directly from a-amino-6-hydroxyvaleric 
acid (XIV) (6) in an 85% yield by heating its hydrochloride at 170°C. for two 
hours, which means an approximately 47% over-all yield if calculated from 
2,3-dihydrofuran (\V). 


Attempts to make DL-ornithine by fusing the y-halogenated hydantoins with 
sodium carbonate according to the method developed by Rogers ef al. for the 
synthesis of lysine (8) were not very successful, apparently also because of the 
ease with which these hydantoins cyclize to a proline derivative. 


When a-amino-6-hydroxyvaleric acid (XIV) is treated with phenylisocyanate 
and the corresponding ureido derivative (XV) is refluxed with hydrochloric 
acid, 3-phenyl-5-y-hydroxypropylhydantoin (XVI) is obtained as a white and 
easily recrystallized solid. When this hydroxyhydantoin is treated with gaseous 
hydrochloric acid, a high yield of 3-pheny1l-5-y-chloropropylhydantoin (XVII) 
is obtained. But when hydrobromic acid is used instead of hydrochloric acid, 
no brominated hydantoin can be isolated, but the phenylhydantoin of proline 
(XVIII) separates during the attempted recrystallization of the expected 3- 
phenyl-5-y-bromopropylhydantoin. This spontaneous ring closure of 3-phenyl- 
5-y-bromopropylhydantoin to form the phenylhydantoin of proline (XVIII) 
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while the corresponding chloro compound (XVII) does not behave in the same 
way shows again the difference in reactivity between chlorinated and bromin- 
ated compounds. We have encountered a somewhat similar experience with 
a-dichloro-6-benzamidovaleric acid which remains as an open chain compound 
while the corresponding dibromo compound spontaneously cyclizes to a deri- 
vative of a-piperidone. 

It is, however, comparatively easy to cyclize 3-phenyl-5-y-chloropropylhy- 
dantoin (XVII) to the corresponding 3-phenylhydantoin of proline (XVIII) 
by treating it with sodium ethylate, or ammonia, or by fusing it with sodium 
carbonate. 


In conclusion, while 2,3-dihydrofuran (I1) may not be a very good starting 
material for making pL-ornithine (XIII) by the method which has proved so 
successful for making its higher homologue, it remains the best starting ma- 
terial for the synthesis of DL-a-amino-6-hydroxyvaleric acid (XIV) and also 
provides an excellent synthesis of DL-proline (X). 


Experimental Part 
DL-a-A mino-6-hydroxyvaleric acid (XIV) 
2,3-Dihydrofuran (40 gm., 0.5 mole of a product titrating 88%) was added 
to 0.2 normal hydrochloric acid (100 ml.) and the mixture was mechanically 
stirred at room temperature until the dihydrofuran had completely dissolved 
(about 10 min.). The resulting solution was then slowly added to a solution of 
sodium cyanide (26 gm.) and ammonium chloride (27 gm.) in water (200 ml.), 
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and the mixture was stirred at room temperature for one hour. Fresh am- 
monium carbonate (106 gm.) was then added, and the mixture was stirred at 
55-60°C. for two hours, then at the boiling point for 15 min., and evaporated 
to dryness in vacuo. The hot residue was stirred with absolute ethyl alcohol 
(200 ml.), the insoluble sodium chloride (28.5 gm., 98%) was filtered on a 
Biichner funnel, washed on the filter with a little absolute alcohol, and the 
alcoholic solution was evaporated to dryness im vacuo. The residue was dis- 
solved in boiling water (400 ml.), the hot solution was added to a beaker con- 
taining barium hydroxide (200 gm. of the octahydrate), stirred, and the mix- 
ture was heated at 160°C. for half an hour in an autoclave. After cooling, 
ammonium carbonate (25 gm.) was added, and the mixture was stirred and 
slowly brought up to the boiling point, cooled, and filtered on a Biichner 
funnel. The clear solution was again taken to the boiling point, filtered hot, 
and evaporated to dryness in vacuo. The residue was slurried with cold methyl 
alcohol (150 ml.) and the crude amino acid was filtered and dried. Yield, 37 
gm., 55%. It was recrystallized by dissolving it in boiling water (55 ml.) and 
adding ethyl alcohol (165 ml.). Yield, 33 gm., 50% calculated from 2,3-di- 
‘ hydrofuran. M.p. 215°C.* with evolution of gas. Lit., 223-224°C. (9), 218- 
220°C. (6). Calc. for CsH1;03N: N, 10.52%. Found (Kjeldahl): N, 10.57%. 


DL-a-Benzamido-5-hydroxyvaleric acid 

DL-a-Amino-6-hydroxyvaleric acid (7.98 gm., 0.06 mole) was dissolved in 
aqueous sodium hydroxide (60 ml. of a normal solution), and the solution was 
treated simultaneously with benzoyl chloride (7.2 ml.) and a normal sodium 
hydroxide solution (75 ml.). After stirring at room temperature for one hour, 
the solution was filtered, cooled in an ice bath, and acidified slowly with con- 
centrated hydrochloric acid (15 ml.). After standing in the cold for a few hours, 
the crystalline product was filtered and allowed to dry. Yield: 12.4 gm., 87%. 
It was recrystallized by dissolving it in hot ethyl alcohol (35 ml.), filtering, and 
adding ethyl ether (350 ml.) while stirring. M.p.: 141°C. with evolution of gas. 
Calc. for C,.H 15O4N: N, 5.95%. Found: 5.74% ° 


5-y-Hydroxypropylhydantoin (VII) 

DL-a-Amino-6-hydroxyvaleric acid (19.95 gm., 0.15 mole) was dissolved in 
water (75 ml.) and treated with potassium cyanate (13 gm.) in water (25 ml.). 
The mixture was kept at 65°C. for two hours and acidified with concentrated 
hydrochloric acid (35 ml.), and the solution was heated at 90°C. for two hours 
and finally evaporated to dryness in vacuo. The residue was stirred with hot 
acetone (100 ml.), the insoluble potassium chloride was filtered, and the acetone 
was evaporated in vacuo. The residue was dissolved in hot water (200 ml.), the 
solution was decolorized with ‘“‘Norit’’, filtered, and evaporated to a small 
volume. The hydantoin crystallizes slowly at room temperature as the solution 
becomes more and more concentrated. A nearly pure product is obtained if the 
solid is filtered before the mixture becomes too thick. M.p.: 112-113°C. Yield, 
10.9 gm., 46%. Cale. for CsHipO3No: N, 17.72%. Found: N, 17.15%. 


3 Melting points are not corrected. 
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5-y-Chloropropylhydantoin (VIII) 

The residue obtained by evaporating the acetone solution of 5-y-hydroxy- 
propylhydantoin (see paragraph above) was heated in an oil bath at 110- 
120°C. and gaseous hydrochloric acid was bubbled through it for two hours 
while the oil bath was maintained at the same temperature. On cooling, a 
brown crystalline compound was obtained. It was dissolved in boiling water 
(150 ml.) decolorized with ‘‘Norit’’, filtered, and evaporated to dryness. The 
residue was dissolved in boiling water (20 ml.) and the solution was left in the 
ice box. The pale yellow crystalline product was filtered and dried at room 
temperature. Yield, calculated from 19.95 gm. of a-amino-d-hydroxyvaleric 
acid: 15.1 gm., 57%. M.p.: 119-120°C. Calc. for CsHgO2N2Cl: N, 15.86%. 
Cl, 20.11%. Found: N, 15.68%. Cl, 19.59%. 


5-y-Bromopropylhydantoin 

The residue obtained by evaporating the acetone solution of 5-y-hydroxy- 
propylhydantoin (see paragraph above) was treated with 48% hydrobromic 
acid (100 ml.) and the solution was kept at 90°C. for two hours and was evapo- 
rated to dryness in vacuo. Hot water (150 ml.) was added, the solution was 
filtered, decolorized with ‘‘Norit’’, evaporated to a small volume, and allowed 
to cool. The crystalline residue was filtered and allowed to dry. Yield, 9.5 gm., 
28%. M.p.: 1385-137°C. Calc. for CsHgO2.N2Br: N, 12.67%. Found, 12.60%. 


DL-Ornithine (XIII) 


In a pressure bottle was placed 5-y-bromopropylhydantoin (2.21 gm., 0.01 
mole) and concentrated ammonia (100 ml.). The bettle was closed and heated 
at 60°C. for 60 hr. The solution was evaporated to dryness, the residue was 
dissolved in hot water (100 ml.), barium hydroxide (7.8 gm. of the octa- 
hydrate) was added with stirring, and the solution was heated in an autoclave 
at 160°C. for half an hour. After cooling, ammonium carbonate (3 gm.) was 
added with stirring. The mixture was heated to the boiling point, filtered, and 
the solution was evaporated to a small volume. Picric acid (2.6. gm.) dissolved 
in hot water (150 ml.) was added, the solution was filtered hot and allowed 
to stand overnight in the cold. The crystalline precipitate was filtered and re- 
crystallized from a little hot water. Yield of ornithine dipicrate: 1.5 gm., 25%. 
M.p.: 198-199°C., unaffected by mixture with an authentic sample. 


pL-Proline (X) 

5-y-Chloropropylhydantoin (3.53 gm.) was heated in a sealed tube with 
concentrated hydrochloric acid (8 ml.) and water (12 ml.) at 150°C. for five 
hours. The solution was evaporated to dryness, and the residue was dissolved 
in hot water (50 ml.), decolorized with ‘“‘Norit’’, and again taken to dryness. 
The residue was dissolved in an excess of aqueous sodium hydroxide (50 ml. 
of a 30% solution) and the solution was allowed to stand overnight at room 
temperature. It was then carefully neutralized to pH 7 with dilute hydro- 
chloric acid, and boiled under reflux for one hour with an excess of cupric car- 
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bonate. The hot solution was filtered, the excess cupric carbonate on the filter 
was washed with boiling water, and the filtrate and the washings were com- 
bined and taken to dryness im vacuo. The residue was dissolved in boiling water 
(15 ml.) and allowed to crystallize in the cold. The blue copper prolinate was 
filtered and dried in the oven at 160°C. for one hour. Yield, 2.91 gm. 56%. 
Calc. for CyoHi16O,N 2Cu: N, 9.62%. Found: N, 9.5%. 


a-Phenylureido-6-hydroxyvaleric acid (XV) 

pL-a-Amino-6-hydroxyvaleric acid (3.99 gm., 0.03 mole) was dissolved in a 
solution of sodium hydroxide (1.2 gm.) in water (50 ml.), and phenylisocyanate 
(3.6 gm., 0.3 mole) was added dropwise into the solution at room temperature. 
After stirring very efficiently for 15 min., the solution was cooled in an ice bath 
and slowly acidified with concentrated hydrochloric acid (3.5. ml). The precipi- 
tate was stirred in the cold for a few minutes, filtered in a Biichner funnel and 
allowed to dry. Yield, 7.0 gm., 92%. It was recrystallized from dilute alcohol. 
M.p., 124-6°C. with evolution of gas. Calc. for Ci2HigOsNo: N, 11.11%. 
Found: N, 11.13%. 


3-Phenyl-5-y-hydroxypropylhydantoin (X VI) 

DL-a-Amino-6-hydroxyvaleric acid (28 gm.) was dissolved in a solution of 
sodium hydroxide (8.4 gm.) in water (350 ml.) and treated as described in the 
previous paragraph with phenylisocyanate (25 gm.). The solution was then 
acidified with concentrated hydrochloric acid (100 ml.) and heated in a boiling 
water bath for one hour. The solution was evaporated to dryness in a vacuum 
and the residue was recrystallized from dilute alcohol. Yield, 42 gm., 89%. 
M.p.: 134-5°C. Calc. for Cy2HyO3Ne2: N, 11.96%. . Found: N, 11.76%. 


8-Phenyl-5-y-chloropropylhydantoin (X VII) 

3-Phenyl-5-y-hydroxypropylhydantoin (11.7 gm., 0.05 mole) was melted in 
a wax bath at 135°C. and dry gaseous hydrochloric acid was bubbled through 
it for two hours while the bath was kept at 125°C. Hot, 50% aqueous alcohol 
(50 ml.) was added to the residue while still warm and the solution was kept 
overnight in the cold. The crystals were filtered and allowed to dry. Yield, 
9.8 gm., 77%. The product was recrystallized from dilute alcohol. M.p.: 102- 
3°C. Calc. for Ci2H1302Ne2Cl: N, 11.08%, Cl, 14.0%. Found: N, 11.13%, Cl, 
13.4%. 


3-Phenyl-1 ,5-trimethylenehydantoin (X VIII) 

(A) From 3-Phenyl-5-y-hydroxypropylhydantoin 

3-Phenyl-5-y-hydroxypropylhydantoin (11.7 gm., 0.5 mole) was heated at 
90°C. for two hours with 48% hydrobromic acid (300 ml.). The solution was 
evaporated to dryness in a vacuum. The residue was dissolved in boiling water 
(1800 ml.), decolorized with “‘Norit’’, filtered, concentrated to a small volume, 
and cooled. The precipitate was filtered and allowed to dry. Yield, 7.7 gm., 
71%. It was recrystallized three times from 50% aqueous alcohol. M.p.: 114- 
116°C. Lit. 117°C. corr. Cale. for CizH1202N2: N, 12.96%. Found: N, 12.88%. 
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(B) From 3-Phenyl-5-y-chloropropylhydantoi 1 

3-Phenyl-5-y-chloropropylhydantoin (2.2 gm.) was refluxed for two hours 
in a solution of sodium (0.22 gm.) in absolute ethyl alcohol (50 ml.). The solu- 
tion was filtered from the insoluble sodium chloride and evaporated to dryness 
in a vacuum. The residue was recrystallized from hot water. Yield: 1 gm., 46%. 
M.p.: 114-115°C. unchanged when mixed with the sample prepared as in “‘A”’. 
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ANALYSIS OF MIXTURES OF SIMPLE ALIPHATIC ALCOHOLS 
BY PARTITION CHROMATOGRAPHY 


By A. C. NEISH 


Abstract 


Mixtures of methanol, ethanol, isopropanol, n-butanol, and isoamyl alcohol 
were resolved by partition chromatography on Celite-water columns, using 
carbon tetrachloride and chloroform as developing solvents, each alcohol being 
determined quantitatively by dichromate oxidation of the fractions thus obtained. 


Only 0.5 ml. of an aqueous solution containing 1-5 mgm. of each alcohol was re- 


quired for an analysis. The method was used successfully in the analysis of a 


mixture of volatile fermentation products containing n-butanol, isopropanol, 
ethanol, acetoin, diacetyl, and acetone. 


Introduction 


The determination of m-butanol in the presence of ethanol has received a 
considerable amount of study because they occur together in certain fermen- 
tation solutions. Methods based on their separation by distillation are time 
consuming and not applicable to small amounts of solution. Some of the sim- 
plest procedures are based on d fferential dichromate oxidation with measure- 
ment of the dichromate reduced (1, 2) or measurement of the acetic and butyric 
acids formed (4, 8). Advantage has been also taken of the differing solubilities 
of ethanol and butanol (2), the aqueous distillate being oxidized with dich- 
romate before and after partitioning with a definite proportion of carbon 
tetrachloride. This suggests use of partition chromatography for the complete 
separation of these and possibly other alcohols. The present paper describes a 
chromatographic method for the quantitative separation and determination of 
some of the simpler alcohols, particular attention being paid to those likely to 
be formed in fermentation solutions. 


Experimental 
Reagents 
(1) Purified Celite—Celite 535 was digested with concentrated hydrochloric 
acid at room temperature for 20-22 hr. After having been washed with distilled 
water, twice by decantation and then in a Biichner funnel until free of acid, it 
was dried at 150°-170°C. 


(2) Developing solvents ——Reagent grade carbon tetrachloride was washed 
twice with an equal volume of water and filtered through a dry filter paper. 
Washed chloroform was prepared in the same way except that six or seven 
washings were required to remove the alcohol added as a preservative. The 
carbon tetrachloride—chloroform (50%) mixture was made by mixing equal 
volumes of the washed solvents and then filtering the mixture. Washed chloro- 
form is not very stable and should be prepared the same day that it is used. 


1 Manuscript received March 13, 1951. 
Contribution from the National Research Council of Cenaiie. Prairie Regional Laboratory, 
Saskatoon, Sask. Issued as Paper No. 115 on the Industrial Utilization of Wastes and Surpluses 
and as N.R.C. No. 2447. 
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(3) Oxidizing reagent—Potassium dichromate (0.04 NV) in 18.6 N sulphuric 
acid. 

(4) Alcohol solutions Commercial absolute ethanol was further purified 
by treatment with magnesium followed by distillation. The other alcohols 
were used as received. The methanol was Canadian Industrial Alcohol Co. 
C.P. Grade; isopropanol, Nichols Purified (98%) ; n-propanol, Eastman Kodak 
Reagent No. 848; n-butanol, Baker and Adantson Reagent Grade; and isoamyl 
alcohol, Eimer and Amend C.P. Grade. Standard solutions were prepared by 
weighing in stoppered volumetric flasks. 


Separation of Alcohols by Chromatography 

The chromatographic technique was the same as that used for separation of 
2, 3-butanediol and glycerol (5, 6). Three grams of dry Celite was mixed thor- 
oughly with 2.5 ml. of distilled water, slurried in washed carbon tetrachloride, 
and poured into a 300 X 15 mm. O.D. Pyrex chromatogram tube fitted with a 
porous porcelain plate and a filter paper disc. The Celite was compressed to give 
a column about 8 cm. long by inserting another filter paper disc and forcing it 
down with a glass ramrod. An 0.5 gm. portion of dry Celite was slurried in 
washed carbon tetrachloride and packed on top of this in a similar fashion. 
Any excess solvent was decanted and an 0.5 ml. aliquot of an aqueous solution 
containing the alcohols (about 1-5 mgm. of each) pipetted on top of the 
column, care being taken to prevent any from getting on the glass tube except 
for 2-3 mm. above the top of the packing. While the sample was being absorbed 
by the layer of dry Celite a 50 ml. graduate was placed in position to receive 
the effluent solvent. The sample was washed in by two 1 ml. portions of washed 
carbon tetrachloride and development started using this solvent. The solvents 
were forced through the column by gentle air pressure to give four to five drops 
of effluent per second. When the developing solvents were changed, any of the 
solvent left in the tube was decanted before the new one was added. Five suc- 
cessive fractions were collected: 
(a) 20 ml. of CCl,; contained n-butanol and higher alcohols, also diacetyl and 

acetone. 
(6) 22 ml. of CCly,-—CHCl; (50%); contained n-propanol isopropanol, and 
acetoin. 

(c) 25 ml. of CHCI;; contained ethanol. 
(d) 15 ml. of CHCl3; did not contain any alcohols. 
(e) 40 ml. of CHCls; contained methanol. 
It was possible to divide the first fraction in such a way that isoamyl alcohol 
and n-butanol were separated. The isoamyl alcohol was in the first 9-12 ml. of 
carbon tetrachloride while the n-butanol was in the remainder of this fraction. 
In order to be sure that the proper separation point was chosen four successive 
1 ml. fractions were collected and analyzed separately in the region between 
9-12 ml. of carbon tetrachloride. The other alcohols gave bands separated 
widely enough to permit collection of fractions of predetermined size, one for 
each alcohol. 
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Determination of Alcohols by Dichromate Oxidation 

The alcohols can be determined quantitatively by oxidation with dich- 
romate in the presence of the developing solvent. Each fraction obtained by 
chromatography was transferred to a separate 250 ml. glass stoppered Erlen- 
meyer using 5-10 ml. of carbon tetrachloride to rinse out the graduate. Ten 
ml. of the oxidizing reagent, accurately measured by a syringe,-was added and 
the flasks allowed to stand 30 min. at room temperature (22°-24°C.). During 
this period they were shaken vigorously for about 10 sec., at Jeast five times. 
Controls containing the developing solvents and some n-butanol standards 
were run at the same time. When the oxidation was finished, 100 ml. of dis- 
tilled water was added and then 1-2 gm. of potassium iodide crystals. The 
iodine released was titrated by standard sodium thiosulphate, using starch 
indicator, until vigorous shaking of the flask for 15-20 sec. no longer resulted 
in appearance of the blue starch-iodine complex in the aqueous phase. The 
milliequivalents of dichromate reduced by the alcohol in any sample was cal- 
culated from the difference between its titer and that of the blank containing 
an equal amount of the same developing solvent. Isopropanol, ethanol, and 
methanol reduced 2, 4, and 6 equivalents of oxidant per mole, as expected for 
oxidation to acetone, acetic acid, and carbon dioxide, respectively. The amount 
reduced by n-butanol or isoamy] alcohol is empirical, the proper factors being 
obtained from standard solutions oxidized at the same time. The factor for n- 
butanol is usually about 4.5 equivalents per mole. 


Analysis of a Complex Mixture of Volatile Fermentation Products 

The volatile neutral fraction of a fermentation solution can be expected to 
contain n-butanol, isopropanol, ethanol, acetoin, diacetyl, and acetone. If this 
mixture is chromatographed as above to give the alcohols in three separate 
fractions the acetone and diacetyl will be recovered quantitatively in the 
butanol fraction and the acetoin in the isopropanol fraction. Acetone will not 
interfere in the determination of the alcohols since it is not appreciably oxidized 
by dichromate but acetoin and diacetyl must be determined and corrections 
made. Diacetyl was determined on a separate aliquot of the neutral volatile 
fraction by condensation with hydroxylamine and urea (10, 6) and the sum of 
acetoin plus diacetyl on another aliquot by reaction with creatine and alkaline 
a-napthol (9, 6) for one hour. The n-butanol was calculated after correction 
for the dichromate reduced by diacetyl (determined on a standard solution) 
and the isopropanol after correction for the dichromate reduced by the acetoin 
(four equivalents per mole). Acetone was determined in another aliquot by 
condensation with salicylaldehyde (6, 7) to complete the analysis of this frac- 
tion. This colorimetric method for acetone is preferable to the more precise 
volumetric method employing alkaline iodine (3, 6) since it is much more spe- 
cific; even acetoin and diacetyl do not interfere if present in equal amounts. 
Isopropanol can also be determined by oxidation to acetone followed by micro- 
diffusion into alkaline salicylaldehyde (6) ; none of the other alcohols mentioned 
above interfere, hence this procedure can be used for estimation of isopropanol 
in the presence of ”-propanol. 





/ 
: 
j 
’ 
i 
J 
i 


Aiea eb ti 


et A Reale 


NOE AI ICRA A 


+1 REL Raa tae. 5 


eet BR LISS iE ESS) he PM eo 


hich 


tigi 











Fraley nse 





Cia De SiN 


ph telat 


awe ine 








NEISH: ANALYSIS OF ALIPHATIC ALCOHOL MIXTURES 555 


Results and Discussion 


The rates of oxidation of individual alcohols by the oxidizing reagent, in the 
presence and absence of solvents, are shown in Table I. The solvent does not 
interfere in the determination of the alcohols by this method. The oxidations 
were complete in 30 min. or less. Judging from the amount of dichromate re- 
duced, methanol was oxidized to carbon dioxide, ethanol to acetic acid, and 
isopropanol to acetone. Butanol does not seem to be oxidized according to any 
simple equation although the oxidations practically stopped after 15 min. 


TABLE I 


RATE OF OXIDATION OF ALCOHOLS BY DICHROMATE AT ROOM TEMPERATURE 
One ml. of an aqueous solution of the alcohols and 10 ml. of the oxidizing reagent used 








| - 
| | Dichromate (m.e.) reduced per mM. of alcohol 
| with oxidation times of: 
Alcohol | Solvent |—— SS) 
| 
| 


5 min. | 10 min. | 15 min. | 20 min. | 25 min. | 30 min. 

Methanol | 30 ml. CHCl; | 4.70 5.20 5.53 5.75 | 5.92 | 5.98 
Ethanol | None | a ee | 4.01 an ae. eS ae 
Ethanol | 30 ml. of CHCl; | 

|} + CCW0%) | .... | 3.85 ted 4.05 ... | 4.05 
Isopropanol | None | 2.00 | 2.00 | 1.97 a eee BeBe 
Isopropanol | 30 ml. of CHCl; | | 

| + CCl(50%) | 1.86 | 2.00 1.98 eee ee ee wee 
n-Butanol | None | 4.96 | 5.12 2. | OOS 1 6.39 
n-Butanol | 30 ml. of CHCl; | | 

| +CCL(60%) | 4.40 | .... | 4.92 | 4.78 | 5.06 








The results in Table II show the effect of using varying amounts of butanol 
and water. In these experiments the standard butanol solution was made up 
in carbon tetrachloride. The factor is reasonably constant but seems to become 
lower as more water is added. This is not serious since no water, except the 
small amount dissolved in the developing solvents, is added when the chroma- 
tographic technique is used. 


TABLE II 


OXIDATION OF m-BUTANOL BY DICHROMATE AT ROOM TEMPERATURE 
Each oxidation run 20 min. at room temperature in presence of 30 ml. of washed CCl, 














| | 
Dichromate | Dichromate (m.e.) re- 
No. Mgm. n-butanol | MI. of water added reduced, m.e. | duced per mM. of 
butanol 
1 1.05 Nil 0.064 4.50 
2 3.15 | Nil 0.191 4.52 
3 4.20 Nil 0.256 4.51 
4 5.25 | Nil 0.326 4.56 
5 | 2.10 1.0 0. 126 4.66 
6 | 2.10 | 2.0 0.121 4.42 
ri 2.10 | 3.0 0.117 4.30 
8 2.10 | 4.0 0.117 4.30 
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A number of mixtures made from standard solutions of various alcohols in 
water were chromatographed and the fractions analyzed as outlined above 
(see Experimental Section). The results are shown in Table III. The amount 
found was usually within 3% of the amount added even with fairly complex 
mixtures. The sensitivity of the method is different for various alcohols since 
it depends on their dichromate-reducing power. One milligram of methanol 
reduces 5.6 times as much dichromate as 1 mgm. of isopropanol, hence a cor- 
respondingly greater amount of isopropanol must be added to the column to 
obtain the same accuracy for the titration. 


TABLE III 


SEPARATION OF ALCOHOLS BY PARTITION CHROMATOGRAPHY* 








Mem. of alcohol 











Mix- = _ — 
ture | Methanol Ethanol Isopropanol n-Butanol Isoamyl alcohol 
No. $$ | |} ——_——  — —|-—- --_—, —— —|————_, —_—-— 
Added | Re- | Added| Re- | Added} Re- | Added| Re- | Added} Re- 
covered| | covered) covered covered covered 
1 - - 3.04} 3.07; 5.15} 5.08| 2.36] 2.34] - - 
2 |. = _ 3.23 | 3.34 | 3.30] 3:21 | 3.33 '|..3.21 - - 
_» ae = VS Se hoa be Ss - | 5.00} 5.05] 2.65 | 2.59 
er - - - - - 2.00 | 2.02) 4.24| 4.35 
5 | - - 2.50 | 2.45} 4.96} 4.90] 2.50} 2.44] - - 
6 - - 2.50 | 2.54] 2.48] 2.50] 5.00; 5.00 - - 
7 - - 2.50 | 2.45) 2.44) 2.40) 2.71 2.66 - - 
8 | ~ ~ 1.25 2s | 2.47} 2.30) 3.71 | 2.71 - - 
ae - 4.48 4.36 3.31 | 3.36 4.18 4.22 - - 
10 | - - 2.50} 2.43] 7.45| 7.47] 2.71] 2.70; - ~ 
ll | - - 3.38 | 3.338) 7.45] 7.35] - - - - 
2 | - | - | 8.388| 3.85] 7.45) 7.41| 5.02} 5.00; - - 
13 | 1.30} 1.28] 2.50| 2.46) 2.48| 2.45| 2.46] 2.42 - - 
14 1.44 1.41 3.75 3.70 | a = = ws = = 
15 | 0.362) 0.363) 3.75 3.64 | = ~ - — _ - 
16 1.24 1.22 | 2.75 | 2.75 | 2.54] 2.53 | 2.53 | 2.54 | 2.48 | 2.56 
i | 1.28) 2.19 | 2:75 | 2.70'|- 2.54 | 2:60 | 2.53.) 2.52) 2.48 | 2.49 





* In an additional experiment 2.35 mgm. of n-propanol was added and 2.33 mgm. recovered, all 
in the isopropanol fraction. One millimole of n-propanol reduced 3.94 m.e. of dichromate. 


Special attention has been given to the analysis of mixtures of ethanol, iso- 
propanol, and n-butanol since these are the alcohols most likely to be found in 
fermentation solutions. A complex mixture of volatile fermentation products 
containing all three of these alcohols as well as acetone, diacetyl, and acetoin 
was analyzed, as outlined in the Experimental Section, with good results (see 
Table IV). 

Application of this procedure to the volatile neutral fraction from an Aero- 


bacter aerogenes fermentation has shown, as expected, that ethanol is the only 
alcohol present except for a trace of higher alcohols. 


When fermentation solutions are analyzed for alcohols (6), the volatile 
neutral fraction is used. The total dichromate-reducing power of an aliquot is 
measured first. An appropriately diluted sample is then chromatographed, but 
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TABLE IV 


ANALYSIS OF A MIXTURE OF VOLATILE FERMENTATION PRODUCTS 














Mgm. per ml. of mixture 
Compound Added Found* % Recovery 
n-Butanol 4.21 4.20 99.8 
Isopropanol 4.22 4.20 99.6 
Ethanol 4.57 4.52 99.2 
Acetoin 3.34 3.30 98.8 
Diacetyl 1.92 1.93 100.5 
Acetone 3.59 3.59 100.0 














* Average of duplicates agreeing within 2%. 


only the first three fractions of effluent are collected since methanol is not an 
expected product. The percentage recovery from the chromatogram is cal- 
culated from the sum of the dichromate-reducing values of the separate frac- 
tions. If an appreciable amount of alcohol is found in the propanol fraction, 
isopropanol can be determined by a more specific method (6) on another aliquot 
of the volatile neutral fraction and m-propanol calculated by difference. 


2, 3-Butanediol, which may be found in small concentrations in the volatile 
neutral fraction of fermentation solutions does not interfere in the determina- 
tion of-the alcohols by chromatography since it remains on the column even if 
the full development procedure is used. 


This technique of partition chromatography on Celite should also prove 
useful for the purification of small amounts of alcohols prior to formation of 
crystalline derivatives, particularly when it is desirable to work on a small 
scale, as in radiotracer experiments. The method using the solvent system 
outlined above would not be useful for monohydric alcohols with five carbons 
or more since their sparing solubility in water would cause them to move 
together rapidly down the column and the unfractionated mixture would 
appear in the first 10 ml. of effluent. 
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A NEW APPARATUS FOR RAPID CARBON 
DETERMINATION BY WET COMBUSTION! 


By J. A. THORN AND PING SHU 


Abstract 


A simple, compact apparatus has been designed for the estimation of carbon 
in organic materials by a wet combustion procedure employing the Van Slyke- 
Folch oxidation liquid. Oxidation of the sample and absorption of the resultant 
carbon dioxide take place under reduced pressure. The carbon dioxide is trans- 
ferred from the oxidation flask by diffusion and is absorbed in stirred sodium 
hydroxide, the excess alkali being determined by titration with hydrochloric 
acid after addition of barium chloride. Samples containing from 0.3 mgm. to 
15 mgm. of carbon may be analyzed with a probable error of 0.35%. Volatile 
comments in aqueous solution may also be analyzed. Sulphur, nitrogen, and 

halogens do not interfere. Determinations were made on the following com- 
pounds: sucrose, succinic acid, cysteine hydroc hloride, cholesterol, stearic acid, 
and acetone. An analysis requires from 20 to 25 min. 


Several methods are described in the literature for the determination of 
carbon by wet combustion. The methods differ essentially in the manner in 
which measurement of carbon dioxide is made, and may be classified as mano- 
metric, gravimetric, or volumetric. The manometric method (8), although pro- 
viding excellent results, suffers from the complexity normally associated with 
manometry. Gravimetric methods (5, 6) involve the quantitative isolation of 
carbon dioxide as barium carbonate, a procedure which can become difficult 
when small amounts of precipitate are encountered. The volumetric methods 
contain undesirable features such as the need to titrate in flasks other than the 
carbon dioxide absorption flask (3, 4) or the need to use multistep determina- 
tions of the precipitated carbonate (2). 


Lindenbaum, Schubert, and Armstrong (5) described an apparatus in which 
combustion of the sample and absorption of carbon dioxide occurred under 
reduced pressure. However, their apparatus was designed for the gravimetric 
method of carbon dioxide determination and is not suitable for rapid analyses. 
Also, it is suitable only for the analysis of nonvolatile samples. A similar 
apparatus was designed by Barker (1). 


The purpose of this paper is to describe an apparatus with which both vol- 
atile and nonvolatile samples may be analyzed with considerable speed. The 
apparatus is compact and requires only simple manipulation. It may be used 
for submicroanalyses with 0.3 to 1 mgm. of carbon, for microanalyses with 
1 to 8 mgm., and for macroanalyses with 8 to 15 mgm. The probable error is 
0.35%. The method is suitable for analysis of samples commonly encountered 
in biochemical studies. Nitrogen, sulphur, and halogens do not interfere. An 
analysis requires between 20 and 25 min. 

Manuscript received March 28, 1951. 
Contribution from the Prairie Regional Laboratory of the National Research Council, 
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Experimental 
Reagents 


(1) Combustion Fluid (5) 


This was prepared by adding to 12 gm. of chromium oxide (chromic acid) 
in a glass-stoppered flask 66 ml. of syrupy phosphoric acid and 134 ml. of 
fuming sulphuric acid. The mixture was heated to 160°C. and held at a tem- 
perature between 140° and 160°C. for 15 min. It was stirred occasionally with 
a thermometer in order to facilitate solution of the chromic acid and the escape 
of carbon dioxide evolved from contaminating organic material. The neck of 
the flask was then covered with an inverted beaker and, after the combustion 
fluid had cooled to room temperature, the flask was stoppered and again pro- 
tected from dust by the beaker. 

(2) Potassium iodate, powdered crystalline. 

(3) Barium chloride, saturated aqueous solution. 

(4) Hydrochloric acid, 0.1 N, 0.05 N, and 0.01 N. 

(5) Sodium hydroxide (carbonate-free), 0.5 N, 0.2 N, and 0.1 N. 


(6) Phenolphthalein and/or thymol blue, alcoholic solutions. 


Apparatus 

The apparatus is shown in Fig. 1. The ground joints, A, B, and C, as well 
as stopcock D, are lubricated with syrupy phosphoric acid. Other joints and 
the second stopcock are lubricated with ordinary stopcock grease. When the 
combustion unit for volatile samples is employed, its ground joints and stop- 
cock are lubricated with phosphoric acid. 


The acid and iodine trap is packed with zinc turnings and with potassium 
iodide granules (10 mesh). A few zinc turnings placed at the lower end of the 
trap prevent the inlet from being plugged by potassium iodide. The trap is 
repacked with fresh materials when either the zinc becomes tarnished or the 
potassium iodide is quite yellow from absorbed iodine. A single packing will 
suffice for several analyses. 


The position of the thermometer well should allow immersion of the ther- 
mometer bulb in the reaction mixture (6 to 10 ml.) and, at the same time, it 
should be placed sufficiently high that carbon dioxide cannot be trapped in the 
well by the reaction mixture. 


The carbon dioxide absorption flask is a standard 125 ml. Erlenmeyer flask 
with a § 24/40 ground joint. The inlet tube extends to within 2 cm. of the 
bottom of the flask and is not immersed in the sodium hydroxide. Thus, except 
for the rare occasion when it is splashed owing to uneven stirring of the alkali, 
the inlet tube does not need to be washed down with each analysis. 


Procedure 


The sample, which may contain 0.5 ml. of water, is placed in the combustion 
flask with about 300 mgm. of potassium iodate. The flask is connected to the 
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apparatus, and the thermometer is inserted. Sodium hydroxide is pipetted into 
the absorption flask which contains a glass-coated magnet. The apparatus is 
then evacuated by means of a water pump to a pressure of 20 to 30 mm. of 
mercury. Combustion liquid is placed in the reservoir. When the desired evacu- 
ation is attained, the stopcock leading to the water pump is closed, and the 
combustion fluid is allowed to enter the combustion flask, care being taken 
that air does not enter the flask. 


The magnetic stirrer is started, and heat is applied to the bottom of the 
combustion flask by means of a microburner. When the temperature of the 
reaction mixture reaches 210°C. (about seven to nine minutes are required), 
the flame is removed and a period of 10 min. is allowed for absorption of carbon 
dioxide by the stirred sodium hydroxide. At the end of this time, the vacuum 
in the apparatus is released by opening the stopcock between the combustion 
fluid reservoir and the combustion flask. Stirring is stopped, the absorption 
flask removed, and the excess alkali is titrated with hydrochloric acid (after 
addition of barium chloride). A blank is run. Phenolphthalein indicator was 
satisfactory for titrations when samples containing from 1 to 15 mgm. of carbon 
were analyzed. For smaller samples, thymol blue gave more distinct end 
points. 

The amounts and concentrations of the reagents employed for analyses of 
samples containing different amounts of carbon are given below. 











Sample Combustion | Sodium BaCl, | Hydrochloric 
carbon, | fluid, hydroxide | solution, acid 
mgm. mil. | ml. concn. 
. . MI. Concn. | ° 
8-15 10 | 10 | O5N 5 0.1N 
1-8 5 | 10 0.2 N 2 0.05 N 
0.3-1 5 5 0.1 N 1 0.01 N 





When volatile samples are to be analyzed, the accessory combustion unit is 
employed. The small sample tube is charged with potassium iodate and the 
sample, and then is placed in position with stopcock E closed. Combustion 
fluid (10 ml.) is placed in the upper combustion chamber and the apparatus 
is evacuated. Stopcock E is then carefully opened, thus releasing air from the 
sample tube, and combustion fluid allowed to enter the tube. Heat from a 
microburner is then applied to the sample tube for 6 to 10 min., after which an 
additional period of 10 min. is allowed for absorption of carbon dioxide. Before 
releasing the vacuum in the apparatus, stopcock E is closed, thus preventing 
the sample tube from slipping off. 


Results and Discussion 
Table I shows the results obtained when analyses were made on samples of 
sucrose containing from 0.3 mgm. to 15 mgm. of carbon. Two examples are 
given for the top and bottom of each of the three ranges of sample size. Re- 
coveries of carbon were uniformly good. 
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Fic. 1. Apparatus for wet combustion. 
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TABLE I 


ANALYSES OF SUCROSE SAMPLES CONTAINING FROM 0.3 TO 15 MGM. OF CARBON 






































Submicroanalyses Microanalyses Macroanalyses 

Carbon Carbon Carbon 
Taken, | Found, | Recovered,| Taken, | Found, | Recovered,| Taken, | Found, | Recovered, 
mgm. mgm. | W/, mgm. | mgm. % mgm. | mgm. Q 
0.302 | 0.302} 100.0 1.00 | 0.98 98.0 9.70 | 9.61 99.1 
0.302 | 0.302 100.0 1.00 1.00 100.0 10.00 | 9.97 | 99.7 
1.208 1.190 98.5 8.00 | 7.96 99.5 15.17 | 15.16 | 99.9 
1.208 1.201 | 99.4 8.00 7.94 99.3 14.50 | 14.48 | 99.9 

| | | 











Table II shows the results of analyses of a number of representative types 
of compounds commonly encountered in biochemical research. Data are shown 
also for analyses conducted on samples of sucrose containing considerable 
sodium nitrate. This amount of acid-forming salt, far greater than one would 
expect to have in samples, had little, if any, effect on the analyses. Hockenhull 
(3) stated that 0.2 ml. of aqueous sample could be analyzed for carbon. We 
found that successful analyses could be done with samples as large as 0.5 ml., 
but did not determine whether larger samples could be employed. Dr. Neish 
of this laboratory has successfully determined succinic acid-carbon in the 
presence of 2 ml. of water when 10 ml. of oxidizing reagent was employed (7). 


TABLE II 


ANALYSES OF SEVERAL COMPOUNDS 
































Carbon | Carbon 
Substance |——— Kring me Substance |——_,-__—___|—_—_—_——_ 
| Taken, | Found, | Recovered,} Taken, | Found, | Recovered, 
| mgm. | mgm. | % | mgm. | mgm. | % 
Sucrose | 0.604} 0.612} 101.3 | Cholesterol | 4.08 | 4.04 | 99.1 
0.604 | 0.609} 100.8 | 4.08 4.08 | 100.0 
0.906 | 0.912; 100.7 | 4.08 4.06 | 99.5 
0.906 | 0.902 | 99.6 8.42 8.42 | 100.0 
2.00 1.98 | 99.0 | 8.42 8.36 99.3 
2.00 | 2.01 | 100.5 | 8.42 | 8.40 | 99.7 
4.00 4.00 | 100.0 Stearic acid 4.19 4.23 100.9 
4.00 | 4.00 | 100.0 4.19 | 4.21 | 100.3 
4.00 | 3.98 | 99.5 4.19 4.18 99.8 
10.00 10.00 | 100.0 7.65 7.71 100.7 
10.00 10.11 | 101.1 7.65 7.68 100.4 
Cysteine 
hydrochloride} 4.66 | 4.63 | 99. 3 7.65 7.68 100.4 
4.66 4.67 100.2 Succinic acid | 4.00 4.01 100.3 
| 4.66 | 4.62 | 99.3 4.00 4.00 | 100.0 
| 10.06 | 10.06 | 100.0 4.00 | 4.00 100.0 
| 9.57 |} 9.65 | 100.8 | Acetone (0.5) 3.91 | 3.86 98.7 
| | ml. of 1.3% | 
Sucrose + 26) 10.00 | 10.13 | 101.3 | aqueous solu-| 3:0t | 3.88 99.2 
mgm. sodium} tion) | | 
nitrate | 10.76 | 10.77 100.1 | 3.91 | 3.87 99.0 
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The degree of evacuation of the apparatus and the length of time allowed 
for absorption of carbon dioxide were both critical factors in the determina- 
tions. Stirring of the alkali also was found necessary under the conditions 
employed. Using stirred alkali and an initial pressure of 20 to 30 mm. of mer- 
cury in the apparatus, complete absorption was obtained in eight minutes after 
cessation of heating. Incomplete absorption occurred in six minutes. A 10 
min. period is recommended in order to allow for variations of absorption rate. 


Only 80% of the carbon dioxide was recovered when the initial pressure in 
the apparatus was 32 cm. of mercury and a 10 min. absorption period was used. 
When the initial pressure was 14 cm., 95% of the carbon dioxide was recovered. 
Since it was convenient to evacuate to the full vacuum allowed by the water 
pump (20 to 30 mm. of mercury), the effect of initial pressure was not studied 
further. 
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THE INFLUENCE OF CATION RADIUS AND SALT CONCENTRATION 
IN THE SALTING OUT OF ETHYL ETHER FROM AQUEOUS 
NITRATE SOLUTIONS AT 25°C.! 


By H. G. HEAL 


Abstract 


The solubility of ethyl ether in aqueous solutions of the nitrates of the alkali 
metals, the alkaline earths and magnesium, and ammonium, tetramethyl, tetra- 
ethyl, and tetra-n- propyl ammonium has been measured with high precision. 
The salting out at infinite dilution of salt, estimated by extrapolation from data 
for salt concentrations below 0.1 molal, conforms in a general way to the Debye 
theory, with some discrepancies. Data for high salt concentrations are also 
given. 


Introduction 


In this paper are presented the results of some measurements of salting out 
at salt concentrations between 0.01 and 0.1 molal, and also some data for 
higher concentrations. The purpose of the investigation was to obtain accurate 
enough values for the salting out at low salt concentrations to enable an extra- 
polation to infinite dilution of salt to be made, with the aid of Gross’s extension 
(4, 5) of the Debye theory of salting out (2). In this way the salting out powers 
of the cations Lit, Nat, K+, Rb*, and Cst; NH4t, NMeg*, NEt,*, and Nn-Pr,*; 
and Mg**, Catt, Sr,** and Ba** have been compared. They tend to follow 
the predictions of the Debye theory, with discrepancies for which qualitative 
explanations are suggested. The variation of salting out with salt concentration 
has been studied empirically, up to nearly saturating concentration in some 
cases. 


A precision of 0.06% in the solubility measurements has been attained and 
the present data are believed to be the most accurate of their kind hitherto 
published. Such data are needed in order to determine the extent of validity 
of the Debye theory of salting out, since the theory deals with phenomena at 
infinite dilution of salt and reliable extrapolations to infinite dilution can only 
be made from salt concentrations of the order of 0.1 molal downwards, where 
the amount of salting out is small. The reasons for this are given in the Dis- 
cussion part of the paper. 


Experimental 


In attempting to use changes in the solubility of a liquid nonelectrolyte such 
as ether, as a measure of salting out, one must have regard to the risk that the 
activity of the nonelectrolyte in the saturating phase may vary from one salt 
solution to another, because of a variation in the amounts of water and salt 
passing into this phase. This would give rise to a variation of solubility entirely 

1 Manuscript received January 8, 1951. 
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unconnected with the salting out effect. There is no variation of this kind of 
any importance in any of the systems described here. The concentration of salt 
in the ether phase was shown, by analysis of this phase in equilibrium with 
concentrated solutions of all the salts, to be less than 0.01% in every case. 
The concentration of water in the ether phase in equilibrium with dilute salt 
solutions is the same, for practical purposes, as in equilibrium with pure water; 
with concentrated salt solutions it is somewhat lower. By application of the 
Gibbs—Duhem equation to the ether phase, it can be shown that the variation 
in water concentration in this phase leads to changes in the activity of ether 
comparable with the experimental error in the solubility measurements for 
concentrated salt solutions, but entirely negligible for dilute ones. It is there- 
fore sufficiently accurate to equate so/s, the ratio of molal solubilities of ether 
in pure water and in the salt solution, to y/yo, the inverse corresponding ratio 
of molal activity coefficients, and to regard the change of solubility as a true 
measure of the salting out. 


The solubility of ether in each salt solution was measured by equilibrating 
ether, in slight excess over the amount required to saturate the solution at 
25°C., with the salt solution, and measuring the volume of ether remaining 
undissolved. The special vessel (Fig. 1) of capacity 28 ml. was employed. It 
has a neck of 4 mm. inside diameter, calibrated for volume per centimeter 
along its whole length. There is a closure consisting of a threaded Lucite 
cylinder (a) cemented on to the neck, with a Lucite screw cap (b). When 
screwed down this cap presses a piece of 0.05 mm. thick annealed platinum 
foil (c) against the opening of the neck, the pressure being transmitted via a 
1 mm. thick Tygon washer (d). The rim of the neck has been ground off square 
and carefully firepolished. This arrangement constitutes an easily removable 
and practically airtight seal, the leakage through which was shown to be in- 
capable of causing an error greater than 0.02% in the solubility measurements. 
About 27 ml. of the salt solution was run into the vessel from an ungreased 


Fic. 1. Solubility apparatus. 
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burette and weighed. The required quantity of ether, 0.03 to 0.10 gm. in excess 
of that required to saturate the salt solution at 25°C., was added from a drawn 
out pipette, and weighed. The closure was screwed up tightly and the vessel 
cooled to 15°C. or so and shaken vigorously to dissolve the ether. The vessel 
was centrifuged in order to drive down liquid caught high in the neck, then 
hung in a water bath regulated to 25.00°C. within 0.02° (by standard ther- 
mometer) with a variation of less than 0.01° either way. The whole solution 
became turbid. The turbidity than rose leaving a clear solution beneath, sep- 
arated from it by a sharp boundary. In less than two hours the whole solution 
became clear. The excess ether was mostly in the neck above the aqueous 
phase, while a few droplets clung to the walls of the vessel. As many of these as 
possible were released by sharply twisting the vessel. The phase separation 
was completed by centrifugation, which also served to drive down ether con- 
densed high in the neck. Careful tests showed that the quantity of ether found 
in the separated phase was independent of (a) the temperature of the centrifuge 
as long as this was below 25°C., (b) the speed of the centrifuge (radial accelera- 
tions between 200 g. and 400 g.), (c) the duration of centrifugation, up to more 
than two minutes. This is to be expected, since the solubility of ether increases 
with falling temperature and increasing hydrostatic pressure, while the den- 
sities of aqueous ether solutions decrease with increasing ether concentration. 
Under the conditions of the experiment, the redissolution of appreciable quan- 
tities of ether during centrifugation was impossible. Moreover, the result of a 
solubility measurement was shown not to depend upon how long the vessel was 
left in the bath, so long as it was left long enough to allow the turbidity to clear 
completely. In practice, the vessel was usually left in the bath for about two 
hours, and centrifuged at 300 g. for about twenty seconds, with the centrifuge 
at 22—24°C. The vessel was then replaced in the bath, and the distance between 
the ether—air and ether—water menisci measured to 0.05 mm. with a catheto- 
meter. 


Weighing corrections were applied for air displaced by the liquids, by ether 
vapor in the neck of the vessel, and by the weights. The mass of ether vapor 
present in the neck at the end of a measurement was estimated and included 
in the measured excess. The concentration of ether in the ether phase was 
taken as 0.705 gm. per ml., a value calculated from Hill’s figure for the solu- 
bility of water in ether (6), and was assumed constant, though in reality it 
varies to an extent too slight to cause any error of consequence. 


Materials 


The ether was treated with a particular view to the removal of impurities 
which might affect the solubility results. The most objectionable impurities in 
this respect are those which strongly favor the ether phase in their distribution 
between ether and water, for this phase, in the method used, was small in 
volume compared with the original amount of ether added. Consequently, an 
impurity present in traces in the original ether might attain considerable con- 
centration in the ether phase in equilibrium with the aqueous solutions, so 
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lowering the activity of ether in this phase and leading to a low result for the 
solubility. Commercial reagent grade ether was, in fact, shown to contain such 
an impurity, probably isoamylene, which could not easily be removed by dis- 
tillation. Its presence was revealed by a systematic variation in the measured 
solubility of ether in water with the amount of ether in excess, from which it 
was deduced that the ether must have contained about 0.03% of the impurity. 
The following procedure was adopted in order to remove it. Two liters of water 
were shaken with one liter of reagent grade ether. The ether layer, which con- 
tained almost all of the impurity, was rejected. Most of the ether dissolved in 
the water phase was distilled out, dried over sodium hydroxide pellets, and 
then refluxed for 24 hr. with a series of additions of bright sodium shavings, in 
all-glass apparatus. The final additions of sodium did not react at all, even on 
prolonged standing. The ether was distilled off the sodium through a two plate 
column; only the middle two-thirds of the distillate was retained. This was 
stored in the dark in a desiccator. Each batch was used for a week. Analysis 
by the acid potassium iodide method showed that the concentration of ether 
peroxide built up in this period did not exceed 0.005%. Small traces of water- 
soluble impurities, such as ether peroxide, are not objectionable, because they 
accumulate in the aqueous phase and there give rise to a.constant amount of 
salting out or salting in, which may slightly affect the absolute value of the 
measured solubility, but cannot significantly change the measured salting out 
due to the ions. The solubility in water of the ether samples prepared in this 
way did not vary outside the experimental error (+ 0.06%) when the excess 
of ether used in the détermination was varied between 0.02 gm. and 0.2 gm., 
nor when the final distillation of the preparation was repeated, nor during the 
period of storage of the samples. 


Water for the recrystallization of salts and the preparation of solutions was 
made by redistilling ordinary distilled water from alkaline permanganate in an 
all-Pyrex still. 


Tetramethyl, tetraethyl, and tetra-n-propyl ammonium nitrates were made 
by grinding the iodides (Eastman Kodak) with water and the exact equivalent 
of silver nitrate. The resulting suspensions were filtered and the filtrate evapo- 
rated to dryness in vacuo at room temperature. The salts were recrystallized 
several times, the methyl compound from a mixture of acetone and methanol, 
the ethyl compound from acetone alone, and the propyl compound from acetone 
mixed with carbon tetrachloride. Any traces of the solvents remaining after 
air-drying were removed by powdering the product finely and pumping on 
them in a high vacuum at room temperature for several hours. The propyl 
compound was also washed with ether after powdering. The purified salts gave 
no test for silver or iodide ion. All other nitrates were purified by recrystallizing 
reagent grade material several times from water. Lithium nitrate was dissolved 
in water and the solution washed with ether before recrystallizing to remove 
organic matter. The lithium nitrate was crystallized as the trihydrate, which 
was dehydrated first over sodium hydroxide in vacuo, and finally at 110°C. All 





fT SE AE AOE SL DDN ie AE IE CR BBLS 








HEAL: CATION RADIUS AND SALT CONCENTRATION 567 


the alkali nitrates, strontium, barium, and ammonium nitrates were weighed 
anhydrous. Magnesium and calcium nitrates were made up into concentrated 
solutions which were analyzed by ignition both to oxide and sulphate, and 
diluted as required. 


Results and Discussion 


The solubility of ether in water (so) at 25.00°C. was found to be 0.8599 molal, 
or 5.99 gm. per 100 gm. solution. This is the mean of 15 results, none of which 
deviated more than 0.06% from the mean. This value is slightly lower than 
those given by Hill (6) and Bennett and Philip (1), namely 6.027 and 6.03 gm. 
per 100 gm. solution. The fact that these authors did not employ the centrifuge 
and hence failed to achieve complete separation of the phases, may well explain 
the difference, as we have established by comparing results obtained with and 
without centrifugation. 


The first column under each salt in Table I gives the number of moles of 
salt (m) per 1000 gm. water, and the second the corresponding number of moles 
of ether (s) in the ether-saturated solution. The probable error for low m values 
_ is about + 0.03%. 


The Influence of Cation Radius at Infinite Dilution 


At infinite dilution of salt, the proportional change of molal solubility of ether 
should be a linear function of the salt molality: 


t— 2 





= wm 
So 


The aim of this investigation was to determine values of yw for the different 
salts by means of reliable extrapolations from the experimental data; » should 
be additive for the cation and anion, i.e. 

mw = wit uw for 1-1 nitrates 
p++ 2yu— for 2-1 nitrates 


m 


The measurements provide no indisputable basis for estimating ys and yp 
separately, but such a subdivision will be made on apparently reasonable 
grounds. 


The assumptions made in the Debye theory of salting out are almost per- 
fectly fulfilled in regions where the ionic field is weak, but may be very inac- 
curate where it is strong. Thus, at distances of, say, 7-10 A and upwards from 
a singly charged ion, dielectric saturation phenomena are practically absent. 
There is little or no difference in structure between the solvent in this region 
and that in regions where the field strength is zero, and the dielectric constant 
varies with concentration of the nonelectrolyte almost exactly as it does in 
macroscopic measurements. On the other hand, at distances of, say, less than 
5 A from such an ion, the solvent structure is completely disrupted, and the 
dielectric constant of the medium may be more than a factor of 10 lower than 
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0.0253 | 0.8565 | 0.0216) 0.8584; 0 0251) 0.8630 | 0.0250 | 0.8670 
































0.0500 | 0.8531 | 0.0471) 0.8575) 0.0550) 0.8667 | 0.0490 | 0.8727 
0.1008 | 0.8461 | 0.1002) 0.8565; 0.0941) 0.8718 | 0.0750 | 0.8802 
0.5140 | 0.7977 | 0.1504) 0.8553, | | 
1.054 | 0.7347 | | | | 
2.223 | 0.6178 | 
3.533 | 0.5979 | | | | 
5.009 | 0.4182 | | | | 
6.688 | 0.3400 | 
10.86 | 0.2283 | | | 
20.3 | 0.1319 | | 
| | | 
| | } 
Mg(NO;)2 Ca(NQs3)2 | Sr(NO3)» Ba(NQs3)2 
m s m | Ss | m | s m $ 
—— —— — ———I — wr ——-— — es ———$—____——— —~ —— 
0.0388 | 0.8487 | 0.0220) 0.8521) 0.0100) 0.8545 | 0.0123 | 0.8537 
0.0797 | 0.8377 | 0.0462) 0.8439) 0.0265) 0.8479 | 0.0250 | 0.8479 
0.1535 | 0.8167 | 0.0927| 0.8290! 0.0500, 0.8385 | 0.0499 | 0.8374 
0.2159 | 0.8206 | 0.1861} 0.8006) 0.0738) 0.8286 | 0.0751 | 0.8267 
0.3046 | 0.7806 | 0.2802) 0.7724) 0.1002) 0.8184 | 0.1016 | 0.8149 
0.4484 | 0.7496 | 0.4709) 0.7165) 0.1490) 0.7997 | 0.1491 | 0.7950 
0.991 | 0.574 | 0.1998) 0.7805 | 0.2002 | 0.7734 
| 1.385 | 0.491 | 0.2497| 0.7613 | 0.2999 | 0.7331 
| 1.750 | 0.410 | 0.3003] 0.7420 | 
2.149 | 0.347 | 0.3988] 0.7058 
| 2.661 | 0.277 
3.30 | 0.218 
3.81 | 0.183 
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in weak fields, while the variation of the electrical field energy with nonelec- 
trolyte concentration bears little relation to that calculated on Debye’s assump- 
tions. In typical cases, such as that of ether in water, about half of the total 
salting out takes place in each of these somewhat arbitrarily distinguished 
regions. Hence we can expect the salting out in such cases to be composed of 
two contributions of comparable magnitude, one of which, that associated with 
regions far from the ions, conforms well to the Debye theory, while the other, 
associated with the immediate neighborhood of the ion, may not conform to the 
theory at all well. At finite concentrations of salt the ionic atmosphere creates 
a potential around each ion additional to the simple coulombic potential assumed 
in Debye’s theory of salting out. From the expression developed for this potential 
in the Debye-Hiickel electrolyte theory, it can be shown that its contribution 
to the electrical field strength at small distances is negligible compared with 
the contribution of the ion itself. At moderate distances, however, (— 20 A in 
the case of a singly charged ion in 0.05 molal solution), the two are comparable. 
Consequently we may expect the chief effect of varying salt concentration to 
be upon the salting out in the ‘outer’ region, where the Debye theory is obeyed. 
This will be true when the parameter 1/«x of the Debye—Hiickel theory is 
decidedly larger than the distance — 5 A for singly charged ions, marking the 
boundary between the regions where the Debye salting out theory is valid and 
where it is not; i.e. at low enough salt concentrations. It should, in fact, be true 
in about the same range of salt concentration as that in which the Debye- 
Hiickel theory of activity coefficients gives good results, since similar factors 
determine the limits of validity in both cases. This means up to about 0.1 molal 
for 1-1 electrolytes, and about 0.03 molal for 2-1 electrolytes. 


Gross’s salting out theory utilizes the Debye—Hiickel potential to calculate 
the effect of ionic atmospheres on the salting out. The argument just given 





jin aa = > a on ° e 
shows that the difference between — at infinite dilution and the same 


Som 

function at small finite concentration, calculated by the Gross theory, should 
be correct, even if the absolute value of the function, calculated by the Debye 
theory, is wrong (owing to the departure of salting out in the inner region from 
Debye theory values). 


The values of » given in Table II were accordingly calculated in the following 
steps: 


7 ‘ Sa & x m 
(1) Experimental values of — were determined for the various salts from 


MSo 





the graphs (Figs. 2 to 5) at m = 0.05 for 1-1 nitrates and m = 0.025 for 2-1 
nitrates. These concentrations were chosen so as to come sufficiently within the 
range of validity of the Debye—Hiickel electrolyte theory, at the same time 
giving reasonable accuracy of measurement of the salting out. The values of this 
salting out function are given under y’ in Table II. 
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TABLE II 
cen a : 
Cation | by’ Mm Me My 
(experimental) (Debye theory) 

Lit 0.181 0.229 0.142 0.142 
Nat | 0.326 | 0.374 0.287 0.140 
Kt 0.302 0.350 0.263 | 0.136 
Rbt 0.288 0.336 0.249 0.134 
Cst 0.256 0.304 0.217 0.131 
NH, | 0.158 0.206 0.119 0.139 
N Me,” 0.058 0.105 0.018 0.080 
NEts —0.144 —0.099 —0.186 0.058 
NPryt —0.302 | —0.258 —0.345 0.045 
Mgtt 0.336 | 0.481 0.307 0.401 
Catt 0.412 0.557 0.383 0.400 
Srtt | 0.526 0.671 0.497 0.399 
Batt 0.558 0.703 0.529 0.396 





(2) Gross’s equations were used to calculate differences between yw and uy’. 
Debye’s value of the characteristic salting out length R for the ether—water 
system, 2.49 A was employed. In the Gross theory, (a’) was set equal to R for 
the monatomic ions and to the ionic radius for the substituted ammonium ions. 
The difference between molal and molar concentrations is here of no impor- 
tance for accuracies of the order aimed at, and was ignored. The nitrate ion 
was treated as a small singly charged ion for the purpose of this calculation. 
(3) These differences were added to experimental values of y’ to give the values 
of » in Table II. 


The figures for uw given in Table II were arrived at by the following reason- 
ing. Since Li* is a very small ion, and is believed to fit well into water without 
disrupting its tetrahedrally co-ordinated structure, it seems reasonable to sup- 
pose that the salting out due to this ion approaches more nearly to the Debye 
theory value than does that caused by most other ions. Moreover, NH4*, which 
is tetrahedral itself, and probably likewise fits well into the water structure, 
has about the same yp + as Li*, since the » values for the two nitrates are ap- 
proximately equal. It was therefore assumed that y+ for Lit = 0.142, the Debye 
theory value. This fixes w— for the nitrate ion at 0.087, from which the yu, 
values for all the other cations given in Table II were calculated. The possible 
experimental error in the tabulated values of yw’, wu, and uw, is about + 0.008 
for the 1-1 nitrates and + 0.016 for the 2-1 nitrates. 


Debye theory values for ui, calculated assuming crystallographic radii for 
the monatomic ions, and estimated over all radii for the others, are given in 
the last column of Table II. 


The following are the principal conclusions emerging from a study of these 
figures. 
(1) The experimental ps values for the alkali cations other than Li* are 
anomalously high. 


Se ato none 
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(2) The experimental yu, values for the bivalent cations are of the expected 
order of magnitude, but increase with increasing cation radius instead of 
diminishing slightly as expected. 


(3) The experimental uv, values for the ammonium ions display approximately 
the expected falling off with increasing cation radius between ammonium and 
tetramethylammonium, but thereafter decrease very rapidly to large negative 
values, corresponding to strong salting in. These conclusions are not affected 
if a somewhat different value is adopted for yu. for the lithium ion. 


The hypothesis of Frank and Evans (3) to the effect that the larger alkali 
and alkaline earth cations in aqueous solution are surrounded, outside their 
first solvation layer, by a region of unusually structureless or “‘depolymerized”’ 
water suggests an explanation for (1) and (2). These changes in the water 
structure may give rise to a salting out effect additional to the electrostatic 
one, and most pronounced for the larger ions. The salting in caused by the 
large substituted ammonium ions is undoubtedly due to the long alkyl chains, 
which project out of the region where electrical forces are strong, and would 
on general grounds be expected to favor the solution of ether. The significant 
fact about the results obtained with the ammonium series of nitrates is simply 
that electrical forces give way to other influences when the radius exceeds 
2-3 A, as they should according to the Debye theory. 


Absolute u, and w— values could be determined experimentally for all ions 
if the value for any one ion were known. Unfortunately, Debye theory values 
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Fic. 2. Salting out of ether from alkali nitrate solutions at low concentrations. (These curves 


should all pass through the origin—the upper four of them have been moved bodily upward in order 
to avoid confusion.) 
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cannot safely be assumed for large ions because of molecule—molecule type 
interaction with the nonelectrolyte, nor for small ions because of dielectric 
saturation effects and changes in the solvent structure. Structural changes 
might be less important with some nonaqueous solvents. 


The Influence of Salt Concentration 
The best simple empirical equation for representing the results is: 


So 
log — = km. 
$ 


The data are accordingly plotted in Figs. 2 to 5 in the form of graphs of log = 
s 


against m. The above equation, however, does not exactly fit the results in 
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Fic. 3. Salting out of ether from solutions of magnesium and the alkaline earth nitrates at 
low concentrations. (All curves should pass through the origin—the upper three have been moved 
bodily upward in order to avoid confusion.) 
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Fic. 5. Salting out of ether from solutions of lithium, sodium, potassium, ammonium, and 
calcium nitrates at high concentrations. 


any single case. It works best at moderate concentrations. Below 0.3 molal, 
the lines for the alkaline earth nitrates are slightly S-shaped, the slope first 
diminishing, and then increasing again as the concentration rises. A similar 
effect is perceptible in the curves for the alkali nitrates except lithium, but is 
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smaller than the experimental error in these cases. With magnesium, lithjum, 
and tetramethylammonium nitrates the slope declines continuously with in- 
creasing concentration at low concentrations. These results were checked and 
confirmed. At very high concentrations the salting out falls below the amount 
given by the equation just quoted in all cases studied. 


The data are not accurate enough at very low concentrations to enable 
Gross’s equations to be satisfactorily tested, but the tendency of the first one 
or two experimental points for each salt is compatible with the concentration 
dependence predicted by Gross’s equations. 


The alkaline earth nitrates are believed to be associated in aqueous solutions 
at moderate to high concentrations (7). At 0.01 molal, the degree of association 
is about 2% for calcium nitrate and 8% for barium nitrate, with strontium 
nitrate intermediate. This association, if it occurs, does not cause any marked 
diminution in the salting out caused by these salts. 
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THE CHEMISTRY OF ETHYLENE OXIDE 


II. THE KINETICS OF THE REACTION OF ETHYLENE OXIDE 
WITH AMINES IN AQUEOUS SOLUTION! 


By A. M. Eastuam, B. DEB. DARWENT, AND P. E. BEAUBIEN 


Abstract 


The kinetics of the reaction of ethylene oxide in dilute aqueous solution at 
25°C. with di- and tri-ethylamines, aniline, and pyridine have been investigated 
over a wide range of hydrogen and hydroxyl ion concentrations. The rates for 
all four amines were found to be very similar and were accurately expressed by 
the simple second order equation —d oxide/dt = k(oxide)(amine). The results 
indicate that basic catalysis does not occur and that catalysis by hydrogen or 
ammonium-type ions, if it occurs at all, is of no significance in the pH range 4-14. 


The work of Bronsted, Kilpatrick, and Kilpatrick (1) has shown that ethylene 
oxide reacts readily with many nucleophilic reagents to give both spontaneous 
(uncatalyzed) and hydrogen ion-catalyzed reactions. There is no evidence 
that the acid catalysis is of the general type, nor does basic catalysis in the 
- usual sense seem to occur, since most of the so-called basic catalyses reported 
in the literature may be attributed to direct nucleophilic attack by anions (6). 
Further information on the nature of these catalyses is necessary if the reaction 
mechanisms are to be established. Accordingly, a study of the reactions be- 
tween ethylene oxide and amines has been undertaken since these reactions 
are capable of being investigated over a wide range of hydrogen and hydroxyl 
ion concentrations and since they can also be examined for catalysis by weak 
cation acids of the ammonium ion type. 


It was observed by Knorr (5) in 1899 that ethylene oxide reacts with amines 
only in solvents such as water and ethanol. His observations led him to 
suggest that in such solutions ammonia ionizes not only to ammonium (NH,"*) 
ions, but also to NH2~ ions, and that these NH2~ ions react with ethylene 
oxide to give the ethanolamines. Such an explanation is inadequate, however, 
because tertiary amines react equally as well as primary or secondary amines 
with ethylene oxide and hence one might expect that in all cases the hydroxyl 
group is formed from ethylene oxide by the addition of a proton derived from 
a source other than the amine. The over-all reaction would then be represented 
by the following equations: 


Bs 
NH3;+ CH.—CHe+ Ht —> NH;-CH.-CH,OH aac’ NH.-CH.CH;0H = H+ 
O 
RN + CH.-CH.+ H+ > R;N-CH,CH.OH 
\o”% 


1 Manuscript received December 20, 1950. : 
Contribution from the Division of Chemistry, National Research Council, Ottawa, Canada. 


Tssued as N.R.C. No. 2458. 
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Since the reaction requires a proton and since ethylene oxide reactions are 
known to be susceptible to hydrogen ion catalysis, a kinetic study might be 
expected to increase our knowledge of the mechanism of this reaction. Smith 
(10) attempted such a study but his analytical methods were not sufficiently 
precise to detect small changes in rate. Other studies (3, 8) are still more limited 
and serve only to indicate that in aqueous solution the reaction is bimolecular. 
Smith’s data do show that no simple relation exists between reaction rate and 
amine structure or basicity. This might suggest a rate controlling step not 
involving the amine, but such a view is not compatible with the observed first 
order dependence upon the concentration of amine. 


Experimental 


In the present work the rates of reaction of ethylene oxide in aqueous solu- 
tion with aniline, pyridine, and di- and tri-ethylamine have been measured 
dilatometrically. Since this method is adaptable only to first order reactions, 
all experiments have been performed in a large excess of amine. Under these 
conditions the reaction exhibits pseudo- first order kinetics. The ethylene oxide 
concentration was generally between 0.01 and 0.03 1/7. The temperature was 
controlled to about 0.001°C. at 25.0°C. 


Rates were usually calculated by Guggenheim’s method (4) and showed good 
reproducibility. In a few cases, where the oxide—amine ratio was high, the rates 
were estimated graphically from the initial rates of contraction. 


Reaction mixtures were prepared by mixing standard solutions of the amine 
and perchloric acid to give the desired concentrations and pH. The ionic 
strength was kept constant by the addition of sodium perchlorate. The buf- 
fering action of these solutions was generally sufficient to maintain the pH 
within 0.1 pH unit during the course of the reaction. In those cases in which 
a quaternary base was formed during the reaction, the perchloric acid con- 
centration was always kept higher than the initial oxide concentration to 
prevent formation of a mixture of quaternary base and quaternary salt. This 
was particularly necessary in the reactions with pyridine, since the free quat- 
ernary bases of this amine are unstable (7, 9). 


All pH values and amine concentrations reported were calculated from the 
recorded concentration dissociation constants on the assumption that the 
amines reacted completely with perchloric acid. The pH values measured by 
a glass electrode were in fair agreement with those calculated. 


In aqueous solution and especially in acidic or strongly alkaline solution, 
ethylene oxide reacts with water to form glycol and it is therefore necessary 
to correct the observed rates to obtain the rate of the amine reaction. Since 
under the conditions of the experiments all rates are of the first order with 
respect to ethylene oxide, the following expression will hold: 


koos = ka (amine) + k, 
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where k, is the second order rate constant for the reaction between ethylene 
oxide and amine and where k, is the rate of glycol formation which is given by 
the expression 


kg = ko + ky*+ (H*) + Ron- (OH-) 


The value of ky at 25°C. was calculated from the data of Bronsted ef al. 
(1) to be 4.0 X 107°; the values for ky+ and koy-, which had been previously 
determined by other workers (1, 6) at 20°C. were measured at 25°C. in these 
laboratories and found to be: 


ky+ = 0.537 + 0.55c, where c = anion concentration 
Ron- = 7.5 X 107%. 


Analyses for glycol were made occasionally by a periodate method (2) and 
always agreed with the calculated values to 5% or better. The analysis could 
not be applied to aniline solutions however, because of the reducing action of 
this amine. As far as possible reaction conditions were chosen such that the 
rate of the amine reaction was much greater than that of glycol formation. 


Analyses for ethanolamine formation were made only in those cases where 
the product was a quaternary base and could be determined by titration at the 
end of the reaction. Such analyses after correction for glycol formation always 
indicated essentially quantitative conversion of oxide to ethanolamine. The 
only probable side reaction other than glycol formation is the reaction of the 
product with a second molecule of oxide. However, since the amine was in large 
excess with respect to the oxide and since the rates of the reactions of ethylene 
oxide with amines and with the corresponding ethanolamines are not far dif- 
ferent, no serious error should arise from this source. - 


All the amines used in this work were reagent grade. They were carefully 
distilled through a 20 plate Stedman column after standing for some days over 
solid potassium hydroxide. Solutions were prepared in ordinary distilled water 
which had been boiled to remove carbon dioxide. Sodium perchlorate solutions 
were prepared by neutralizing standard perchloric acid solutions with sodium 
hydroxide. All titrations were performed electrometrically. 


The reaction mixtures were brought to the temperature of the bath and a 
weighed sample of ethylene oxide broken into the solution (2). A few minutes 
were allowed for mixing and the solution was then forced into the dilatometer. 
A period of five minutes was allowed for thermal equilibrium to be attained 
before readings were taken. Usually 20-30 readings were made over a period of 
about 1.5 half lives, followed by a second set of readings after an interval of 
two to three half lives. In some experiments the readings were taken during 
three or four instead of 1.5 half lives, but in no case was appreciable deviation 
from first order observed. 


In the study of the reactions of aniline and pyridine a series of experiments 
was made at each of several pH values. To do this, mixtures of amine and 
perchloric acid were prepared and diluted with sodium perchlorate solution to 
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constant ionic strength. Since the pH is determined by the ratio of free amine 
to aminium ion, any such series of dilutions should have a constant pH and 
experimentally this was found to be true. 


Results 
The results of these experiments are given in the accompanying tables and 
figures. The following calculation of a typical run will serve to clarify the 
tabulated data. 
4 


Run 90 (Table I) 

A solution was prepared to contain 0.300 moles per liter diethylamine and 
0.135 moles per liter of perchloric acid. From the ionization constant of diethy- 
lamine (1.0 X 107%) it may be calculated that the aminium ion concentration 


TABLE I 
REACTION OF ETHYLENE OXIDE WITH DIETHYLAMINE* 








| | 


Free Amine 
Run amine perchlorate | NaClO« Oxide | pH | Robs kg ka (amine) 10°kq 
(moles/1.) | (moles/1.) |(moles/1.) |(moles/1.) 102 min.~1/10? min.~1)10? min.~!|1.mol.~! min.~! 





A. Experiments at constant tonic strength 





92 . 283 - . 250 .0191 | 12.2 1.81 .02 £20. | 6.53 
98 . 248 052 .197 | .0289 | 11.7 1.57 .008 1.56 | 6.68 
97 .195 105 .149 | .0159 | 11.3 1.26 .009 1.25 6.69 
90 | 165 .135 “¥ .0201 | 11.1 1.08 .005 1.08 | 6.96 
91 . 100 200 050 .0206 | 10.7 0.574 .004 0.570 | 6.34 
93 084 . 216 033 .0209 | 10.6 | 0.420 .004 0.416 | 5.66 
94 | 052 | 248 ce ee .0243 | 10.3] 0.287 .004 | 0.283 (7.1) 
96 | .020 | .280 sees .0208 9.85) 0.08 004 0.08 (8. ) 
89 ST eee se } .0200 | 12.2 1.83 .02 1.81 | 6.63 
95 | .300 a (NaOH) } .0213 | .... 2.05 .21 1.84 6.37 
| (. 264) 


| | |Av. 6.48 X 1072 





B. Experiments at varying ionic strength 
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89 | 0O.: } 0.0 .0200 1.83 0.02 1.81 6.63 
92 0.: | 0.25 .0191 1.81 0.02 i. am 6.53 
112| 0.: | 0.25 -0299 1.74 0.02 1.72 | 7.05 
111 0.: 0.50 | .0163 1.88 0.02 1.86 | 7.41 
110 0.2 1.0 ; -0201 2.34 0.02 | 2.22 | 8.50 
109 0.2 2.0 0187 2.38 0.02 | 2.36 9.44 
| 

* Concentrations and pH values calculated from an ionization constant of 1.0 XK 1073. 
TABLE II 
REACTION OF ETHYLENE OXIDE WITH TRIETHYLAMINE* 
| = | 
Free | Amine | } 
Run| amine perchlorate | NaClOs Oxide | pH Robs kg ka (amine) | 102kg 
(moles/1.) | (moles/1l.) |(moles/1.) |(moles/1.) | 10? min.~1/103 min.~1/108 min.—4|].mol.— min.~! 
102 | .062 . 253 eal } 0. } 10.1 > a .04 1.13 (1.82 
103 .112 . 203 | .050 | 0 10.5 3.56 | .04 3.52 3.14 
104 . 163 .152 .100 0. |} 10.8 | 4.97 .04 4.93 3.05 
105 | .188 | .127 .125 0. 10.9 5.48 .05 5.43 | 2.89 
106 | .214 | .101 150 | 0. 11.1] 6.38 .05 | 6.33 | 2.96 
107 | .264 | 2051 .200 | O. } 11.5 8.54 .06 8.48 | 3.21 
108 . 302 sian 250 0. 12.1 | 9.89 .14 9.75 | 3.29 





| 
| | | | | lAv. 3.09 X1072 
\ \ - 





* Concentrations and pH values calculated from an ionization constant of 5.5 XK 10™4. 
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is essentially that of the perchloric acid (0.135 moles per liter) and hence that 
the free amine concentration is 0.165 moles per liter. On reaction of this solu- 
tion with 0.0209 moles per liter of ethylene oxide, free amine is consumed and 
a new amine, diethyl ethanolamine, produced. The composition of the final 
mixture must be affected by the basic strength of this new amine since the 
hydrogen ions are distributed according to the basic strengths and concen- 
trations of all amines present. Usually, however, the ethanolamines are con- 
siderably weaker bases than diethylamine and it is therefore assumed that the 
diethylaminium ion concentration remains essentially unchanged throughout 
the reaction. Under these conditions the free amine concentration at the end 
of the reaction is (0.165—0.0209) = 0.144 moles per liter, and the average free 
amine concentration during the reaction becomes 0.155 moles per liter. 


The observed reaction rate in this solution was 1.08 X 107? min.~ and 
represents the sum of the rates of glycol and ethanolamine formation. Since 
the aminium ion and free amine concentrations are known, the hydrogen and 
hydroxyl ion concentrations may be calculated. These were found to be 8.2 X 
10~" and 1.2 X 107% moles per liter respectively. From the rate constants for 
glycol formation given above, it is apparent that no significant amount of 
glycol will be formed by hydrogen ion catalysis but that the rates corresponding 
to the uncatalyzed and to the hydroxy] ion catalyzed reactions will be 0.004 x 
10~* and 0.001 X 10~? min.~! respectively. The rate of reaction of ethylene 
oxide with amine in this solution is therefore (1.08 — .004 — .001) x 107? = 
1.08 X 10~? min.~'. The specific rate constant is obtained by dividing this value 
by the average amine concentration obtained above-i.e. 1.08 XK 107?/0.155 = 
6.96 & 107? 1. mol.~? min.~!. 


It should be noted that triethylamine and pyridine, being tertiary amines, 
yield quaternary ammonium bases as aie and the over-all reaction is 
given by the following equations: 


+ 
R3;N + (CH2),0 + HO — R;NCH:CH:0OH + OH 
R;NH* + OH- —— R;3N + H,O 





~ 
R;NHt + (CH:)3.0 —— R;NCH:CH.OH 


It is therefore aminium ion and not free amine which disappears and the 
above calculations have been modified accordingly when applied to the tertiary 
amines. 


Discussion 


The data for diethylamine and triethylamine are best interpreted by refer- 
ence to Fig. 1, where values of (amine), (amine) (aminium ion), and (amine) 
(hydroxyl ion) have been plotted against the corresponding pH. These three 
curves correspond respectively to the uncatalyzed, aminium ion catalyzed, and 
hydroxyl ion catalyzed addition of amine to ethylene oxide and hence a plot of 
observed rates against pH should constitute a rather sensitive test of the type 
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of mechanism or mechanisms involved. The curve for the expression (amine) 
(hydrogen ion) corresponding to specific hydrogen ion catalysis has not been 
shown but is roughly the reciprocal of the curve for the uncatalyzed reaction. 


It is seen that the results for diethylamine correspond very closely to the 
curve for the uncatalyzed reaction. Essentially similar data were obtained for 
triethylamine. These results show conclusively that no hydroxy] ion catalysis 
exists and it is also apparent that any aminium ion catalysis must be very 
small indeed, since there is no indication of the inflection in the pH range 11-12, 
which would occur if catalysis by aminium ions was important. 


Very basic amines such as diethylamine are not suitable for the detection of 
hydrogen ion catalysis because no appreciable hydrogen ion concentration may 
be maintained in their presence. Calculations suggest that an amine having 
an ionization constant of about 10~™ would be best suited for this purpose but 
for reasons of solubility, availability, etc., it has been necessary to work with 
aniline and pyridine (ionization constants 4.6 X 107° and 1.7 X 10~° res- 
pectively). Preliminary experiments with aniline (Table III) showed similar 
results to those in Fig. 1, but gave some indication of a trend towards higher 
rates as the hydrogen ion concentration was increased. Since such a trend 
could be due to catalysis by hydrogen or anilinium ions, the reaction was fur- 
ther investigated under more rigorous conditions. 

If both hydrogen and anilinium ion catalysis are present together with 
an uncatalyzed reaction, the over-all rate will be given by the expression 


= AOR = k, (aniline) (oxide) + ke (aniline.H*) (aniline) (oxide) + k3(H*) 
r 
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TABLE III ; 
PRELIMINARY EXPERIMENTS WITH ANILINE AND ETHYLENE OXIDE* 
| Free 
Run|_ aniline Oxide pH 10°kobs 10%, 10%%q (amine) 10°kg 
(moles/1.) (moles/1.)| observed min. ! min. ! min."? 1.mol.~ min.“ 

131 327 .0251 8.3 5.90 .04 5.86 1.85 
121 355 .0245 8.25 6.15 .04 6.11 1.79 
118 309 .0257 8.10 5.91 .04 1.98 

Trace 
122 .355 NaOH .0161 12.1 6.54 .19 6.35 1.83 
125 .345 i .0227 12.1 6.53 .19 6.34 1.89 
130 .327 6 .0268 10.2 6.37 .04 6.33 2.00 

HC10, pH 

(moles/1.) (calc.) 

128 252 033 .0250 5.5 4.25 .04 4.21 1.75 
129 | 191 .093 0268 5.0 3.37 .05 3.37 1.85 
119 | 211 098 0480 5.0 4.06 .05 4.01 2.10 
117 | 191 118 0255 4.9 3.95 .05 3.90 2.15 
126 | 121 . 164 .0244 4.5 2.47 .06 2.44 2.19 
127 | .094 . 187 .0115 4.35 2.09 .07 2.02 2.25 
124 074 216 0281 4.2 1.61 .08 1.53 2.45 
120 | 071 275 0155 4.1 1.81 .10 1.71 2.63 
123 | 030 . 258 0315 3.75 (1.04) 12 94 (5.9) 


























* All calculations made as described for diethylamine; ionization constant taken as 4.6 X 1071, 


(aniline) (oxide). Under the conditions of the experiments the reactions are of 
the first order with respect to oxide and, since at any pH the ratio (aniline.H*) / 
(aniline) is constant, then at that pH the following expression will describe the 
dependence of k,», on the concentration of free aniline and hydrogen ion 
kops = ki(aniline) + ck2(aniline)? + k3(H*) (aniline) 
where c = (aniline) /(aniline.H*). 

Thus, if ky, is plotted against the free aniline concentration, a straight line 
will be obtained only if no anilinium ion catalysis is present, and the slope of 
this line will be equal to ki+ k3(H*). It follows that in the presence of hydrogen 
ion catalysis and in the absence of anilinium ion catalysis, a series of lines of 
increasing slope should be obtained as the pH is decreased. 


Our results for such an experiment with aniline are shown in Table IV and 
Fig. 2, and it is apparent that the results—particularly at low concentrations— 
show some divergence from the single straight line corresponding to an un- 
catalyzed reaction. The divergence is, however, in the opposite direction to 
that which might be expected from hydrogen and anilinium ion catalyses and 
we are able to account for it only as an experimental error. Errors may arise 
from faulty corrections for glycol, reaction of the product with a second 
molecule of oxide, or from small errors in the calculated free amine concen- 
tration. However, although a number of these experimental errors disappear 
when pyridine is substituted for aniline, essentially similar experimental results 
are obtained with both amines (Table V, Fig. 3). 


It must be concluded then that, under the conditions of our experiments, 
the reaction between amines and ethylene oxide is essentially uncatalyzed. 
Catalysis by aminium and hydroxyl ions in which the rate is given by an 
equation of the type 

—d oxide 


= = k(oxide)(OH~)(NH,*) 
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TABLE IV 
REACTION OF ANILINE WITH ETHYLENE OXIDE* 

















| | | 
| Free | Amine | : £ ~ " 10°%kq | 
Run) amine perchlorate | NaClO« Oxide | pH 10°k obs 10° g (amine) | 10%kq 
| (moles/I.)| (moles/1.) (moles/1.)| (moles/1.)} min.-! | min.! min.-! /l.mol.7!? min.~ 
143 | 344 | .055 | . 295 .0177 5.46 6.10 | .04 | 6.06 1.81 
144 .275 | .044 | . 306 .0285 5.46 | 5.09 .04 5.05 1.93 
145 | 207 | .033 .317 | .0162 5.46 3.99 | .04 | 3.95 | 1.92 
146 | 172 .028 | .3822 | .0273 5.46 3.34 .04 | 3.30 | 2.05 
147 | ee | .018 332 | .0173 | 5.46 | 2.37 .04 | 2.33 2.18 
| | | _ 
| | Av. 2.00 
| | | | 
138 |  .381 .330 vor a ae eS 7.18 | 0 | 7.12 1.89 
139 . 305 264 .070 | 0167 4.72 §.53 .06 5.47 | 1.83 
140 229 .198 .139 .0159 | 4.72 4.25 06 4.19 | 1.89 
141 190 . 165 175 .0186 | 4.72 3.44 | 06 | 3.38 | 1.85 
142 | 116 | .110 . 233 .0136 4.72 toe 4 .06 | 2.30 2.09 
saaeeapiies 
| | Av. 1.91 
| | 
163 .192 350 sana .0136 4.40 3.67 .07 | 3.60 1.94 
164 | .153 . 280 070 0147 4.40 3.01 .07 2.94 2.00 
165 | 115 | .210 . 140 0202 4.40 2.35 .07 2.28 2.15 
166 | 1096 | .175 175 = 4.40 1.89 an oe 2.12 
167 | .064 E27 | .0182 4.40 (1.42) | .07 1.35 (2.40) 
| } | | — 
| | } } Av. 2.12 
} j | 
148 172 | 338 - .0135 | 4.38 3. 27 .07 | 3.20 1.92 
149 .138 270 069 .O181 4.38 2.82 07 | 2.75 2.08 
150 .103 203 138 0152 4.358 2.25 .07 2.18 | 2.22 
151 086 169 175 .0183 | 4.38 2.04 or } tor 2.46 
152 | 057 113 | 233 .0222 | 4.38 1.59 .07 1.52 3.04 
| | | —— 
| | } Av. 2.34 
| | NaOH | | | 
153 .325 | .034 } .306 | .0133 | cal3 | 6.02 29 | 5.7 1.80 
154 | . 260 .027 | .316 | .0147 |cal3 5.00 25 | 4.75 1.89 
155 | 195 .020 .327 .0245 ca 13 } 3.65 9 3. 4€ 1.89 
156 | . 163 | .017 . 333 .0198 | cal3 | 3.08 6 2.92 1.91 
| Av. 1.87 
170 | .125 | Trace .350 | .0218 ca 9 2.37 .04 2.33 2.04 
169 .094 ia .350 |. .0154 ca 9 1.80 .04 1.76 2.05 
168 .078 “ .350 .0200 ca 9 1.53 .04 1.49 2 


! 
| 


Av. 2.09 








* All calculations made as for diethylamine and based on an ionization constant of 4.6 X 1071 
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t= 25°, 





kops * 10° 


© pH 4.38 
x pH 4,40 
A pH 4,72 
@ pH 5,46 
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TABLE V 
REACTION OF ETHYLENE OXIDE WITH PYRIDINE* 








| | | 
Free Pyridinium | | 10°kq 












































Run) pyridine | perchlorate | NaClO« Oxide | pH | 10kops | 10%, | (amine) ke 
(moles/1.) | (moles/l.) |(moles/1.) |(moles/1.) |} min. min. | min. [l.mol.~! min.~ 
is8 | .600 | .665 | a. 4 Oe 6.95 .04 | 6.91 | 1.15 
189 - 360 . 399 | .270 | .0170 4.53 -04 4.49 | 1.25 
.240 | .266 .404 | .0177 | 3.21 04 3.17 1.32 
191 150 166 | -503 | 0217 | 2.28 | .04 2.24 | 1.49 
| | | | Av. 1.30 
| } 
183 497 .173 | 0200 | 5.5! 10.8 04 10.8 | er 
184 298 .370 0251 5.5 7.05 | .04 7.01 1.22 
185 199 -470 | .0160 5.5 | 4.97 04 4.93 1.29 
186 124 546 | = .0168 5.5 3.20 04 a 4 1.32 
187 0497 620 | .0173 5.5 1.55 04 1.51 | 1.58 
| | | 
| Av. 1.31 
934 333 .333 | .0197 | 5.7] 11.0 .04 11.0 | 1.18 
560 200 467 .0197 5.7) -7.37 04 7.33 | 1.32 
374 133 533 0173 5.7 4.75 | .04 4.71 1.26 
234 0833 | .584 .0169 5.7 | 8.31 Om | 8.17 1.35 
110 | 0394 .630 .0200 (5.7) 1.58 | te i ee 1.40 
| re 1.30 
NaOH | } 
184 0705 | .0212 2.90 54 2.36 | 1.32 
138 :0705—| | .0218 ae 54 ‘7s. | 1.30 
115 :0705_ | | .0193 1.96 | .54 1.42 | 1.29 
092 .0705— | | .0426 | | (1.69) 54 1.15 (1.32) 
0460 0705 0400 | | (1.16) | .54 | 0.62 | (1.47) 
| | | a 
| | | | Av. 1.30 
| | . 
| Trace | .0172 11 2.91 | 0s | 2.83 | 1.15 
| Trace | | 0.173 12 2.96 09 | 2.89 | 1.18 
Trace | 0.150 10.5] 2.84 | .07 | 2.77 | 1.12 
| | | |} Av. 1.15 
| | | | 
580 | | 0209 | | 6.87 | .o6 | 6.81 | 1.20 
.500 0187 : Sak | .06 | 5.05 | 1.03 
| | 
| | | | | Aw. 1.33 








* All calculations made as for triethylamine: ionization constant taken as 1.7 X 107°. 
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would be kinetically indistinguishable from the simpler form, but there seems 
to be no justification for considering so complicated a mechanism when the 
simple second order equation 
—d oxide 
dt 


adequately describes the rate. 


= k(oxide)(amine) 


The results obtained in these experiments, together with some data obtained 
by Smith (10) at 20°C., are summarized in Table VI. Surprisingly, there 
appears to be no relationship between the reaction rate and either the structure 
or the basicity of the amines. 














TABLE VI 
Amine Ionization ko5° Roo? 

constant | (Smith) 
Diethylamine | 1.0 X 10-3 6.5 X 107? 2.3 X 107 
Triethylamine 5.5 & 10-* 21x Ls xX 
Pyridine 1.9 x 10° | 320 207 6.5 X 10-3 
Aniline 4.6 X 10-" 1.9 x 10 5 inte 
Trimethylamine | 6.6 x 10° 5 ee 6.1 * 10" 
Ammonia Lo X10 3.8 X 1073 





A more detailed discussion of the mechanism of these reactions has been 
reserved for a subsequent paper. 


References 


1. BRonsTeED, J. N., Kitpatrick, M., and Ki_patrick, M. J. Am. Chem. Soc. 51: 428. 
1929. 


2. EastHaM, A. M. and LATREMOUILLE, G. A. Can. J. Research, B, 28: 264. 1950. 

3. FERRERO, P., BERBE, F., and FLAMME, L. R. Bull. Soc. Chim. Belges, 56: 349. 1947. 
4. GUGGENHEIM, E. A. Phil. Mag. 2: 538. 1926. 

5. Knorr, L. Ber. 32:729. 1899. 

6. LICHTENSTEIN, A. J. and Twicc, G. H. Trans. Faraday Soc. 44: 905. 1948. 

7. LoHMANN, H. J. prakt. Chem. 153: 57. 1939. 

8. PotTrerR, C. and MCLAUGHLIN, R. R. Can. J. Research, B, 25: 405. 1947. 

9. Sidgwick’s Organic chemistry of nitrogen. Clarendon Press, Oxford. 1937. p. 524. 


10. SmitH, L. Kgl. Fysiograf. Sallskap. Lund. Hand. 57(7): 3. 1946. 








585 


THE CHEMISTRY OF ETHYLENE OXIDE 
III. REACTION OF ETHYLENE OXIDE IN AMINE SOLUTION' 


By A. M. EASTHAM AND B. DEB. DARWENT 


Abstract 


A kinetic study has been made of the reaction of ethylene oxide in pyridine 
solution in the presence of strong acids. The rate has been found to be dependent 
upon the concentration of acid and of oxide over a wide range of concentrations 
at 25°C. The specific rate constant, however, varies markedly with the nature 
of the acid anion and appears to decrease with increasing basic strength of the 
anion. The absence of large salt effects seems to indicate that the anion effect 
is of a physical rather than chemical nature and the results are therefore tenta- 
tively attributed to the nature of solutions of electrolytes in solvents of low 
dielectric constant. 


Introduction 


The results of some experiments on the reaction of ethylene oxide with 
amines in aqueous solution were reported in a previous paper (3). It was shown 
that in water the rate is a function of the concentrations of amine and oxide 
only, although the reaction must take the general form 


-_RsN + (CH:):0 + HX — R,N-CH,CH.OH + X- 
which, when R = H, becomes 


NH; + (CH2),0 + HX _+H;N-CH.CH.OH + X~ —H.N-CH.CH.OH + HX 
However, in spite of the fact that the reaction proceeds through a proton 
transfer, no appreciable hydrogen ion or aminium (R3NH*) ion catalysis 
occurs Over a very wide range of experimental conditions. Basic catalysis is 
also absent and the rate is given very closely by the equation 
d product 
dt 


where the amine concentration is that of the free or unionized amine present 
in the solution. Apparently then, in aqueous solution water is the principal 
source of protons. 


= k(amine) (oxide) 


In view of the above results it was of interest to study this reaction in aprotic 
solvents where the concentration of proton-supplying substances could be 
controlled. In this paper we present the results of some experiments carried out 
with pyridine as both solvent and reactant, together with a few results obtained 
in diethylamine solution. Pyridine was chosen for most of the work because 
it is an excellent solvent for its own salts and because the formation of a pyri- 
donium base permits the reaction to be followed accurately by simple acid- 
base titration. Unfortunately, however, pyridine cannot be used to study the 


1 Manuscript received December 20, 1950. 
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catalytic activity of water or other weakly acidic compounds because the pyri- 
donium base formed in the reaction is stable only as the salt of a fairly strong 
acid (6). Accordingly, a few experiments were performed in diethylamine solu- 
tion to obtain some idea of the catalytic activity of water. 


Experimental 
1. Materials 
(a) Ethylene oxide 
better was used without further purification. It was weighed in small 
sealed ampoules which were broken into the reaction mixture (4). 





a commercial product having a purity of 99.5% or 





(6) Amines—all amines with the exception of pyridine were purified by 
careful fractional distillation after standing some days over solid potas- 


sium hydroxide. 





(c) Pyridine—most of the pyridine used was purified by distillation, first 
from sodium hydroxide, then from aluminum chloride, and finally by 
careful fractionation (1, 2). Some of the dilatometric measurements 
were made, however, with pyridine carefully fractionated after standing 
over potassium hydroxide and barium oxide. There is some indication 
that the more rigorous purification gives slightly higher rates, but the 
differences unless otherwise noted are too close to the experimental 
error to be of much significance. In general, pyridine purified with 
barium oxide was used for the*dilatometric experiments, while pyridine 
distilled from aluminum chloride was used for the experiments in which 
the reaction was followed by titration. 


(d) Pyridinium salts were prepared by adding concentrated aqueous acids 
to a slight excess of pyridine and filtering the crystalline mass. The 
product was then dried over sulphuric acid in a vacuum desiccator at 
a few millimeters pressure, recrystallized from a suitable solvent, and 
finally dried again over sulphuric acid or phosphorus pentoxide. The 
acid content of the product was determined by potentiometric titration 
against standard sodium hydroxide and in all cases was found to be in 





excellent agreement with the theoretical value. In a few cases, where 
the pyridinium salts were too hygroscopic to be handled conveniently, 
solutions were prepared by adding the acid to the pyridine and titrating 
to establish the concentration. Thus, hydrogen chloride and hydrogen 
bromide solutions were prepared from the dry gaseous acids; sulphuric 
acid solutions were prepared by adding a few drops of concentrated acid 
to pyridine and assuming that the smal! amount of water present could 
be neglected. 





2. Methods 

All experiments were performed at 25°C. in a bath controlled to + 0.002°. 
All titrations were made electrometrically with a Beckmann Model G pH 
meter. 
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The reaction appears to be very clean since, when it is run-to completion, 
analyses for quaternary base are essentially in quantitative agreement with 
the theoretical yields calculated from the ethylene oxide used. In pyridine 
solution the reaction was found to be of the second order, obeying the rate 
expression d(product) /dt = k(oxide) (acid); it was followed by a dilatometric 
method at acid concentrations above 0.1 M and by an analytical method below 
this concentration. 


(a) Dilatometric Method 


This method was essentially the same as that previously described (3). 
Dilatometers are suitable for use only with first order reactions and 
hence in pyridine solution were used only in the presence of a large 
excess of acid relative to ethylene oxide. For this reason the method was 
limited to those experiments in which the acid concentrations were 
above 0.1 /. In diethylamine solution the reaction is pseudo first order, 
since the proton required is regenerated and hence the concentration 
restrictions do not apply. Unfortunately, however, anhydrous diethy- 
lamine is a very poor solvent for its own salts and it was therefore 
necessary to restrict the experiments with this solvent to a few runs in 
which a small amount of water was added to the diethylamine. It was 
necessary to provide mercury seals for the dilatometers in these runs 
because no stopcock grease was found that would resist this solvent. 


Analytical Method 


The reaction, in pyridine solution, actually consumes the acid “‘catalyst”’ 
so may be followed by determining the unreacted acid at intervals 
during the reaction. A sample of the reaction mixture was removed and 
quickly transferred to a small flask. This flask was fitted with a remov- 
able condenser to act as a spray trap and this in turn was connected to 
a vacuum system capable of reducing the pressure below one millimeter. 
The ethylene oxide and pyridine were rapidly distilled off at room tem- 
perature and the stable residue, consisting of pyridinium and pyridonium 
salts, was set aside for titration. 


The condenser and flask were rinsed with water and the resulting 
solution titrated against a standard solution of sodium hydroxide using 
the internal electrodes of a Beckmann Model G pH meter. Conditions 
were usually chosen so that a sample of the initial acid solution required 
about 5 to 7 cc. of sodium hydroxide and titrations were accurate to 
about 0.01 cc. However, at low acid concentrations the end point of the 
titrations becomes poor with the result that the method is unsatisfactory 
for use with solutions less concentrated than 0.005 M. This is partic- 
ularly true in the case of periodic acid which in water is a fairly weak 
acid. As a result the data for this acid are slightly more erratic than 
those for the stronger acids. 
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Generally, four samples were taken on each run between 10% and 
50% total reaction. In some cases reactions were carried close to com- 
pletion but in no case was appreciable deviation from second order 
observed. It was assumed that one mole of ethylene oxide disappears 
with one mole of acid and the results so obtained were plotted against 
time using one of the usual second order rate expressions. The recorded 
rate was that given by the best straight line through the four points and 
was usually within 1-2% of the values calculated from the individual 
points. 


3. Reaction Mixtures 


Wherever possible, reaction mixtures were prepared by weighing the pyridine 
salt into a volumetric flask and making up to volume with pyridine. The solu- 
tion was transferred to a vessel designed for filling the dilatometers or for with- 
drawing samples, and brought to the temperature of the bath. A weighed bulb 
of ethylene oxide was then broken into the mixture in the usual fashion. 


Solutions of various amine perchlorates in pyridine were prepared by dis- 
solving weighed quantities of pyridine perchlorate and amine in pyridine. The 
amount of amine added was slightly greater than that calculated as being 
necessary to transfer 98% of the protons from the pyridine. The calculations 
were based on the assumption that the distribution of the protons between 
the amines is given by the ionization constants of the amines as determined 
in dilute aqueous solution, and by the relative concentration of the amines. 


Solutions in diethylamine were prepared by dissolving weighed amounts of 
water and of pyridine salt in the diethylamine. The more basic diethylamine 
was assumed to take up the protons, leaving a small amount of free pyridine 
in solution. The effect of this free pyridine should be very small in view of the 
large excess of diethylamine. 


Results 


The results obtained with the various acids in pyridine and diethylamine 
solution are shown in the accompanying tables and figures. Detailed results 
are given only for perchloric acid (Table 1), since this acid was studied over 
the widest range of concentrations; the data show good agreement between 
the dilatometric and analytical methods and, more important, show that the 
rate constant holds over a very wide range of concentrations. 


Essentially similar results, but with different values for the rate constant, 
were obtained with other acids. The data are illustrated graphically in Fig. 1 
and the average values for the rate constants are given in Table I]. It was not 
possible to study the catalytic activity of the halogen acids in this work because 
their reactions are complicated by the formation of halohydrins. In Table III 
are shown the data for sulphuric acid. For reasons given below, the rates for 
this acid have been calculated from both the normality and molarity of the acid. 
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TABLE I 


REACTION OF ETHYLENE OXIDE IN PYRIDINE 
SOLUTIONS OF PERCHLORIC ACID 

















Run HCI1O, Oxide Robs Robs/(Ht*) 
(moles/I.) (moles/1.) (min.~) (l.mol.~? min.~) 

A. Dilatometric method 

265 | 1.65 0.0422 4.93 X 1072 2.98 X 107? 

264 | ee 0.0581 2.71 2.31 

262 0.778 0.0345 1.81 2.33 

260 0.648 0.0360 1.49 2.30 

300 0.614 0.0353 1.39 2.26 

259 0.455 0. 0384 1.01 2.20 

276 0.411 0.0307 0. 960 2.33 (contains 0.175 17 NaClO,) 

301 0. 302 0.0270 0. 681 2.25 

263 0.201 0.0210 0. 428 2.14 

266 0. 200 0.0154 0. 458 2.29 

235 0.109 0.0374 (2.1) (Estimated only) 

233 0.0750 0. 0367 (2.7) ( 23 - 2 

234 0.0555 0.0354 . (2.6) ( a Sy 














k average (dilatometric) = 2.27 X 10-* between 1.2-0.2 M HClO, 





B. Analytical method 





79| 0.120 0.0969 | 2.47 X 1072 
371 | 0.0911 0.0719 | “47 
374| 0.0710 0.0564 2.35 
385 | 0.0500 0.0500 2.40 
378 | 0.0305 0.0212 2:38 
384| 0.0155 0.0155 2.45 
370 | 0.0153 0.0124 2.40 
382 | 0.0100 0.0120 2. 46 
377 | 0.0101 0.00906 2.31 
381 | 0.0100 0.00792 | 2.43 
376 | 0.00815 0.00785 2.22 
375 | 0.00502 0.00501 2.30 
383 | 0.00334 0.00259 3.11 














k average (analytical) = 2.39 K 10~? between 0.1-0.005 M HClO, 





TABLE II 


CATALYTIC ACTIVITY OF STRONG ACIDS 
ON THE REACTION OF ETHYLENE OXIDE IN PYRIDINE 











k Solubility of acid 
Acid (dilatometric) (analytical) in pyridine at 25°C. 
(l.mol.-! min.~!) | (l.mol.~! min.~!) (moles/1.) 
HCIO, 22.7 X 10-3 23.9 X 10-3 ca. 2.0 
O, 22.4 * 24.4 ca. 2.0 
H.SO, 8.9 (?) 0.032 
CsH;SO;H 8.25 0.19 
p-C;H:SO;H 7.08 7.62 0.80 
HNO; 7.18 7.41 0.36 
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ACID CONCENTRATION (m./L.) 


Fic. 1. Rate of reaction of ethylene oxide in pyridine in the presence of strong acids (Analytical 
Method). 


TABLE III 


REACTION OF ETHYLENE OXIDE IN PYRIDINE SOLUTIONS 
OF SULPHURIC ACID 





— 


Run| HSO, | Oxide | &x* | ksa* 


| (moles/l.) | (moles/I.) | 








Analytical method 





427 0.0162 0.0256 4. 
428 0. 00802 0.0122 | 4. 


0X Id“ 8.8 X 10-3 
2 9 


oo 











* kw calculated from normality, km from molarity of H2SO4; all measurements made in the initial 
stages of the reaction only. 


The effect of sodium perchlorate on the perchloric acid catalyzed reaction 
is shown in Table IV. Salt effects are seen to be small. 



















Table V shows the results of some experiments in which small amounts of 
water were added to the pyridine—acid systems. The data are too limited to 
be of much significance but seem to indicate that the effect of water on the 
rate is small. As already mentioned, the catalytic activity of water alone cannot 
be studied in pyridine solution because the product is an unstable pyridonium 
hydroxide which undergoes further reaction. Some idea of the catalytic activity 
of water was obtained, however, in diethylamine solutions with the results 
shown in Table VI. Diethylamine in the absence of water is a very poor solvent 
for its own salts, so the studies were extended to include rate measurements in 
the system diethylamine—water—perchloric acid. The results shown in Fig. 2, 





~~ cr WwW | a i | 
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TABLE IV 


SALT EFFECT ON THE PERCHLORIC ACID CATALYZED REACTION 








| | | 

Run | HCIO, | ,NaClO, | ClOz | Oxide | 
| (moles/l.) | (moles/I.) (moles/l.) | (moles/I.) (1. mol. min.) 
| | | 





Analytical method 









































426 0.01023 | 0.0877 0.0979 | 0.0192 25.8 X 10-3 
425 0.01023 0.0438 0.0540 0.0204 25.0 
424 | 0.01023 | 0.0175 0.0277 | 0.0209 24.5 
423 | 0.01023 | 0. 0088 0.0190 0.0218 23.5 
422 | 0.01023 | none 0.0120 0.0219 23.6 
TABLE V 
EFFECT OF WATER ON THE ACID INDUCED REACTION 
OF ETHYLENE OXIDE WITH PYRIDINE 
| Acid | | Added 
Run Acid conc. Oxide H,0. 
| (moles/I.) (moles/l.) | (moles/l.) | (1. mol. min.~!) 
396 |. HClO, | 0.0713 | 0.0713 2.40 X 107 (analytical 
| method) 
397 | HClO, 0.0713 | 0.0713 0.10 2.32 ‘a 
398 HCI|O, 0.00517 | 0.00517 1.0 2.78 " 
399 | HClO, 0.00811 {| 0.00811 1.0 2.51 re 
400 | HCI1O, 0.0119 } 0.0119 1.0 - 2.17 2 
286 | HNO; | 0.711 | 0.0312 1.0 8.03 X 10-3 (dilatometric 
| method) 
282 | HNO; | 0.711 | 0.0410 1.0 8. 40 “ 
284 | HNO; 0.213 0.0275 0.3 7.70 6 
All runs HNO; 7.20 = 
269 | p-toluene 0.528 0.0263 0.5 7.33 “ 
| sulphonic 
All runs| + | | 7.08 ™ 
TABLE VI 
REACTION OF ETHYLENE OXIDE IN DIETHYLAMINE SOLUTION 
IN THE PRESENCE OF WATER (DILATOMETRIC) 
H:O Robs(min.~) 
2 (moles/1.) | 
8.0 | 1.6 X 107°. .average of three runs 
7.0 | 1.38........average of three runs 
= a. SLE average of two runs 
5.6 1.0 by extrapolation 
4.2 0.4 t to zero HCIO, 
1.4 0.04 ) (see Fig. 2) 
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TABLE VII 


HCLO, (m./L.) 


EFFECT OF VARIOUS AMINES ON THE ACID INDUCED REACTION 


IN PYRIDINE SOLUTION (DILATOMETRIC) 

















Acid 
conc. 
(moles/I.) | 


Amine 


A 


cc 


mine 
ync. 


| (moles /I.) 


| 





| HCIO, 


294 | HCIO, 
292 | HCIO, 


296 | HCIO, 
293 | HCIO, 
297 | HCIO, 
278 | HCIO, 


279 | HClO, 


287 | HCIO, 
288 | HCIO, 





298 | HNO; 
| 


291 | HCIO, 


277 | HC1O, 


295 | HCIO,| 
| HNO; 


. 705 
. 526 
- 423 


. 836 
. 644 
418 


. 658 
. 508 
. 333 
. 878 


. 526 
. 351 


. 870 


| Pyridine 
| 


| Ammonia 


Triethyl- 
amine 


| Benzylamine 


| 
| Diethanol- 
| amine 


| 

| * 4° 

| Pyridine 
' 


| Ammonia 








o° 
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788 
563 
450 


836 
644 
418 
757 
565 
389 
934 
560 
374 


870 


| 


OF ETHYLENE OXIDE 





Fic. 2. Reaction of ethylene oxide in diethylamine solution in thé presence of both water and 
perchloric acid (Dilatometric Method). 











Oxide | Robs 
(moles/I.) | (min.~!) 
0.0321 1.86 X 10-3 
0.0322 | 1.47 
0.0280 | 1.20 
0.0822 | 2.75 
0.0319 | 1.90 
0.0342 | 1.14 
0.0224 | 2.18 
0.0340 | 1.72 

0. 0306 1.14 
0.0328 | 2.96 
0.0312 1.31 
0.0330 0.797 


0.0309 


om 


61 x 10° 





Nw wwe NNW NNN W 


“J 


_ 


1.74 


kobs/acid 
(1. mol. =! 
min.~!) 









64 X 10-3 
83 
28 
95 
73 
01 
37 
42 
38 
50 
70 
-20 X 10-3 


.85 X 10-3 
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although rather erratic, suggest that the catalysis by perchloric acid is not 
greatly affected by the presence of small amounts of water. Water itself gave 
very low rates at concentrations below about 2.0 M, presumably owing to a 
reduction of its effective concentration through association with diethylamine. 


Since in the pyridine — perchloric acid system the proton source is presumably 
the pyridinium ion, it was of interest to examine the effect of the addition of 
small amounts of more basic amines in the reaction mixture. It might be 
expected that the rate of the reaction would be reduced in proportion to the 
basicity of the added amine, since the protons would be transferred to, and 
more firmly bound by, the more basic amines. The data of Tables VII and 
VIII indicate that the more basic amines do indeed reduce the rate but to 
about the same extent in all cases. It is possible, however, that the basic 
strengths of amines in pyridine solutions are not directly related to the ioni- 
zation constants of the amines in water (7). 


TABLE VIII 


EFFECT OF THE VARIOUS AMINES ON THE ACID INDUCED 
REACTION OF ETHYLENE OXIDE IN PYRIDINE (SUMMARY) 


























Amine k 
Acid Amine ionization (I. mol.—! min.~!) 
constant 
HClO, Pyridine Ree -«, 2.3 X 107% 
Diethanolamine 7.6 X i9* 2.8 xX 10-3 
Benzylamine 2.0 X 10-5 3.3 
Ammonia 1.9 X 20-5 3.0 
Triethylamine 5.5 X 1074 2.8 
HNO; | Pyridine 1.7 X 10-9 7.2 x 10-3 
Ammonia 1.9 X 10-5 1.8 X 10-3 
Discussion 


In the previous paper it was shown that the reaction of ethylene oxide with 
amines probably occurs according to the equation: } 


R;N + CHo-CH2 + HA > R;N-CH.CH.OH + A- 
Ne 


where R3;N = amine and HA a source of protons (acid). It is therefore not 
surprising that in pyridine solution the rate of the reaction has been found to 
be dependent upon the concentrations of oxide and of acid. 


However, the results have also shown quite clearly that the rate constant 
for the reaction is sensitive to the nature of the acid anion present in the solu- 
tion. This might suggest that the reaction in pyridine, like the reaction of 
ethylene oxide with neutral salts in water, is actually independent of the proton 
concentration, and proceeds through anion attack. Qualitative support for 
such a view is found in the hydriodic acid ‘‘catalyzed”’ reaction of ethylene oxide 
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in pyridine; this reaction is too complex for study at the present time but some 
results obtained during the course of this investigation indicate that the re- 
action probably proceeds, at least in part, according to the equations: 


a 

{| 

I- + CH.-CH; — HOCH:CH.I + ‘N” 
No” 


; a ) VN 
I} ‘. i 
NN’ +HOCH.CH2I 3 ‘NY 
\CH:CH:OH 


In the case of hydriodic acid the second step is slower than the first; in the 
case of an acid such as perchloric, however, the second step might well be very 
rapid and the over-all rate could conceivably be determined by the concen- 
trations of oxide and of anion. There is, however, little reason to believe that 
anions such as perchlorate and nitrate actually do add to ethylene oxide and 
this view is supported by the very small increase obtained when sodium per- 
chlorate is added to the perchloric acid catalyzed reaction (Table IV). For 
these reasons and from considerations of mechanisms, we at present prefer 
to regard the rate of the reaction as being determined by the concentrations 
of the oxide and of the proton source, and believe that the anion effect is due 
to the peculiarities of solutions of electrolytes in solvents of low dielectric con- 
stant. This view is amplified in the following paragraphs. 


It is obvious that, because of the basicity of amine solvents, any strong acid, 
and even quite weak acids, may be expected to react completely to give, in 
pyridine, the pyridinium salt. The dependence of the rate constants upon the 
nature of the anion may be explained if we assume, in agreement with current 
theory, that in these solutions the pyridinium ion and the anion remain in more 
or less loose association. 


Py + HA = PyH?t........1 A- 


If this is true then it is obvious that in reaction with ethylene oxide, the proton 
is removed, not from the free pyridinium, but from the PyH*. .. A~ complex 
and the anion may then play a significant part in the case of proton transfer. 
This view is at least in qualitative agreement with the experimental data but 
requires that the proton be rather loosely bound in the complex 


oO Nx 
ne 


since, if the attractive force f; is large with respect to f2, it would be impossible 
for the anion to exert so large an effect upon the rate. In support of the view 
that f; is small, it may be noted that Burgess and Kraus (1) have found that 
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the pyridinium ion has an exceptionally high conductance, a fact which they 
attribute to the transfer of protons through the solvent. Furthermore, Fuoss 
et al. (5) have presented some evidence for the view that in toluene solution, 
amine picrates may exist in an equilibrium of the form 


R;H.HPi = R;NH?.Pi7~ 


IL 1 
RsN + HPi R;NH* + Pi- 


Experimentally we have found that the rate constants are, qualitatively, in 
the orders of the strengths of the catalyzing acids, and this is further support 
for the hypothesis that the protons are removed from ion pairs, since the value 
of fz will increase as the acid strength decreases. 


It may be noted that the rate constants for the sulphonic acids seem to 
increase significantly at low concentrations (Fig. 1). This increase may possibly 
be due to an increase in the dissociation of the ion pairs in the system. Burgess 
and Kraus (1) have found a value of 5 X 107° for the dissociation constant 
of pyridinium nitrate ions which is so low that one would not expect any devia- 
tions from linearity with nitric acid at the concentration used here. However, 
they point out that the dissociation constants are determined largely by the 
diameters of the ions and hence it is likely that pyridinium benzene sulphonate, 
with its large ions, may be so much more highly dissociated than the nitrate 
that dilution effects become important at the concentration used in this work. 


The cases of sulphuric and periodic acids merit some attention. Periodic 
acid in water appears to be very much weaker than perchloric acid—probably 
due to hydration to give H;1O;—but kinetically, in pyridine where no hydra- 
tion is possible, it appears to be quite as strong as perchloric acid. Analyses of 
the pyridine salt of this acid show it to have the composition C;sH;N.HIO,. 


The rate constant for sulphuric acid has been assigned the value of 8.9 X 107° 
and this value is based on the assumption that it behaves as a monobasic acid | 
in pyridine. The conclusion that sulphuric acid acts as a monobasic acid is 
supported by the following data, which were obtained in the course of this 
investigation: 

(a) Pyridinium acid sulphate may be recovered unchanged by recrystal- 
lization from pyridine, and all our efforts at preparing the dipyridinium 
salt were unsuccessful. 

(6) The acid sulphates of sodium, tetramethylammonium, and benzyltri- 
methylammonium are exceedingly insoluble in pyridine; when ethylene 
oxide reacts with pyridine solutions of sulphuric acid, precipitation of 
a reaction product occurs very early in the reaction. 


It is evident from the foregoing discussion that the reaction of ethylene oxide 
in amine solutions is too complex to permit any definite conclusions on the 
reaction mechanism to be made at the present time. For the present our knowl- 
edge of the reaction may be summarized as follows: 
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(a) Since all amines behave essentially similarly, regardless of whether or 
not they have hydrogen attached to nitrogen, the reaction must take 
the general form 


<f. 
R3sN + CH2.-CH, + HA — R;N-CH.CH.OH + A7~ 
il 
Noy 
(6) In aqueous solution the reaction is largely independent of the source of 
hydrogen ions and takes the kinetic form 
—d oxide 


= k(oxide)(amine) 
dt 


No basic catalysis exists; acid catalysis is not impossible but if it exists will 
only be found under conditions such that appreciable amounts of free amine 
and oxonium ion will be present together in the solution. 


(c) In pure amine solution the reaction is dependent upon, and rather sen- 
sitive to, the source of hydrogen ion; the reaction rate is given by the 
equation 

~Uoxide) _  (oxide)(HA) 
dt 

(d) In both aqueous and amine solution salt effects are small, suggesting 
the existence of an uncharged intermediate. 

(e) The reaction rates, particularly in aqueous solution, show no relation to 
amine structure or basicity. 
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CONTRIBUTION TO THE THEORY OF DIF FUSION FLAMES! 
By R. J. Cvetanovic Anp D. J. LE Roy 


Abstract 


In order to evaluate the rate constant for the reaction of atomic sodium with 
halides using the diffusion flame method, Hartel and Polanyi introduced three 
simplifying assumptions: that the mass flow of the carrier gas could be neglected, 
that there was a spherical distribution of sodium vapor in the reaction zone, and 
that the halide concentration was constant throughout the reaction zone. In 
an attempt to maintain the validity of the third assumption previous workers 
limited their experimental determinations to cases in which the collision yield 
was considerably less than unity. In the present contribution equations are 
developed which remove this restriction and permit the evaluation of the rate 
constant without assuming a constant halide concentration. On carrying out 
the computation for a relatively slow reaction (Na + C.H;Cl) it was found that 
the error introduced by the third assumption was only of the order of 20%. The 
error for fast reactions would be considerably larger but can always be evaluated 
from the equations given. In some cases an approximate value of the error can 
be obtained without carrying out the complete computation. 


Introduction 


A great amount of experimental work on the reactions of alkali metal atoms 
with different organic and inorganic halides has been carried out in the past 
two decades, following the development of suitable experimental techniques by 
M. Polanyi and his collaborators (7). The view has been expressed that this 
work provides one of the most complete chapters in reaction kinetics (1).* 
While undoubtedly a very valuable contribution has been made, there seems 
to be some uncertainty as to the order of validity of some of the evaluations 
and deductions made. This is not surprising in view of the experimental and 
theoretical difficulties involved. 


Most of the experiments were based on the “diffusion flame’ method de- 
veloped in 1930 by Hartel and Polanyi (5). This method has the advantage 
over the earlier method of “‘highly dilute flames” (2) in the wider applicability 
and especially in the fact that no wall reaction interferes with the chemical 
reaction under investigation. A third method, the “‘life period method’’, de- 
veloped by Frommer and Polanyi in 1934 (3), was based on essentially similar 
experimental conditions to those used in the diffusion flame method, but the 
evaluation of the reaction rate constants did not involve a knowledge of the 
spacial distribution and the rate of diffusion of the alkali metal. For these 
reasons the life period method is frequently regarded as more accurate than 
the diffusion method. Polanyi himself has expressed some doubts as to the 
degree of approximation involved in the evaluation of rate constants by the 
diffusion flame method (3). 

1 Manuscript received March 27, 1951. 
Contribution from the Department of Chemistry, University of Toronto, Toronto, Ont. 
phe paper was presented at the Annual Meeting of the Royal Society of Canada, Montreal, June, 


* A review on the sodium ‘‘flame’’ reactions by W. E. Warhurst has just been published in 


Quart. Reviews, 5:44. 1951. 
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A critical investigation of the possible errors of the diffusion flame method 
was made by Heller (6), who described the experimental conditions for which 
he estimated that the determined reaction rates would not differ from the 
absolute values by more than a factor of about two. The experimental condi- 
tions imposed by Heller limited the method to reactions having collision yields 
between 1/50 and 1/5000. In order to apply the method to faster reactions, 
with collision yields as large as 1/10 or even 1/5, Haresnape, Stevels, and 
Warhurst (4) suggested a modification of the experimental conditions which 
consisted, essentially, in reducing the ratio of the concentration of the alkali 
metal to that of its reaction partner. 


Although the diffusion flame method has been widely used, the possibility 
of a complete and exact mathematical treatment of the method would seem 
to be rather remote. It has, however, been considered desirable to attempt to 
derive expressions which would allow an evaluation of the degree of approx- 
imation involved in some of the original simplifying assumptions made by 
Hartel and Polanyi (5). 


The Treatment of Hartel and Polanyi 


In the diffusion method a carrier gas, such as nitrogen or hydrogen, is used 
to introduce the vapor of the alkali metal, usually sodium, through a nozzle 
into the reaction zone. From the nozzle mouth the sodium (Reactant 1) spreads 
through the reaction zone encountering, as it diffuses, the vapor of the halide 
(Reactant 2). The rate of reaction is given by the expression 

—dc,/dt = —dco/dt = kcyco, (1) 
in which c,; and co are the concentrations of the reactants and bk is the rate 
constant. When a steady state is reached the values of c; and cy at any point 
in the reaction zone will be determined by the rates of diffusion of the two 
reactants, the rate of the chemical reaction, and the mass velocity of the carrier 
gas. 

It is generally accepted that in the steady state the over-all process can be 
described by an equation of the form 

D,Aci+ v grad ¢,— keic2 = 0, (2) 
in which D, is the diffusion coefficient of sodium vapor and v is the mass velo- 
city of the carrier gas. In order to solve Equation (2), Hartel and Polanyi intro- 
duced the following simplifying assumptions: 

1. The term v grad c; can be'neglected. 

2. There is a spherical symmetry in the distribution of sodium vapor in the 

reaction zone. 


3. The halide concentration, ¢2, is constant throughout the reaction zone. 


Under these conditions Equation (2) reduces to 


2 
D, (@eyar + ee des/ar) — keyco = 0. (3) 








e 


= 


1€ 


3) 
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Provided c2 is constant and c; vanishes when r = o, the solution of (3) is 
: c1 = (A/r) exp (—r Vke2/D3). (4) 
The boundary conditions are 
¢, = ci whenr = 7; 
and c,; = c] whenr = R. 


The quantity 7; represents the radius of a small sphere around the origin, the 
surface of which is a surface of constant initial sodium concentration, cj; it is 
assumed to be equal to the radius of the nozzle. The concentration c‘, is iden- 
tified with the concentration corresponding to the vapor pressure of sodium in 
the saturator through which the carrier gas passes before reaching the nozzle. 
The quantity R is the radius of the ‘flame’ made visible when the reaction zone 
is illuminated with sodium resonance radiation; c{ is the sodium concentration 
at R, corresponding to the visibility limit. The rate constant k can therefore 
be expressed in terms of observable quantities, 

(In ci/c? — In R/r;)?D, 


k = ; (5) 
(R = r1)*Co 





The Present Approach 


In the present approach an attempt is made to eliminate the third of the 
simplifying assumptions of Hartel and Polanyi by taking into account the fact 
that Reactant 2 also diffuses and is consumed in the reaction so that its con- 
centration is a function of r. The other simplifying assumptions are retained. 
Equation (3) must then be replaced by the following two equations, 


2 
D, (e/or ae : ics/ar) — key 


0 (6) 


I 
ro) 


2 
D, (se. ‘6r? + m 6Co ar) ed keyC2 


where Dz is the diffusion constant of the Reactant 2. 


(7) 


By subtracting (7) from (6) and making the substitution 
u = 4D; — c2D2 (8) 
the following relation is obtained 


2 
du/dr? + : du/dr = 0. (9) 
The solution of (9) is 
u= —A/r +B = oD, — CD. (10) 
In order to determine the constants A and B in (10) the following boundary 
conditions are imposed: 
forr = »,c, = 0,c2 = ci, and hence B = —ciD, (11) 
for r = 71,c1 = ci, ce = c, and hence 
A = —r{ciD, + (ci — c2)D2}. (12) 
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Thus, in the steady state, 
cw, —= CoD» = ("1 r) {ciD, + (c — c)D2} —_ iD». (13) 


In this treatment 7; is defined in the same manner as before. Under ideal 
conditions c} should be equal to zero; only under these conditions can ci be 
identified with the concentration corresponding to the vapor pressure of sodium 
in the saturator. Actual measurements carried out by Heller (6) showed that 
for a definite range of experimental conditions c} is very small, even in the 
absence of sodium, as a result of the distortion produced by the inflow of carrier 
gas. The assumption that c} is negligible can therefore be considered justi- 
fiable; it will, in fact, allow for the greatest part of the distortion effect resulting 
from the finite mass velocity of the carrier gas as it leaves the nozzle. (An 
alternative would be to select a value for c) based on Heller’s experiments. ) 


By solving Equation (10) or (13) for c. and making the substitution in (6), 
the following equivalent relations are obtained: 


2 P 4A re 
d?c,/dr? + = de,/dr — & ci - kA eo hs ¢ = 0 (14a) 
r D, DD» r dD, 
2 . — cs 
d?c,/dr? + — de,/dr — J ci + i + is 5" C1 ni = 0 (14d) 
r D, Dor Dyr dD, 


Equation (140) reduces to the simplified equation (3), used by Hartel and 


. “fe . 0 ; . . 
Polanvi, if it is assumed that Dz, = ~ and c; = ¢3. In principle the rate con- 
2, 71, and R 


. . ) 7 0 
stant k may be evaluated from (14) provided cj, c}, ¢3, ¢3, Di, D 
are known and the condition that c; vanishes when r = © is imposed. 


Unfortunately, an analytical solution of (14) could not be found. However, 
a value of & for a given set of experimental data was determined by the Com- 
putation Centre of the University of Toronto, using Milne’s method for the 
numerical solution of a differential equation. As values for the parameter k 
and for the quantity dc,/dr at one end of the range (7; or R) are required in the 
application of the method, the particular set of the two for which the curve 
ci(r) passes through the points (ci, r:) and (c?, R) and at the same time ap- 
proaches the value c:;= 0 as r approaches infinity, had to be found by the trial 
and error method. The computation is tedious, although it can always be 
carried out to any desired degree of approximation. However, some conclusions 
can be drawn from (14) without actually solving it. 


By introducing the relation v = cr, Equation (146) is altered to 
_ ‘ 1 riciv ri(Cs — Cy) v 5 
de/de = — —- — —* - —- = * - + — (15) 
k D,» r Ds, r dD, r dD, 
If the Hartel and Polanyi Equation (3) is treated in a similar manner, by 
making the substitution vp = cyr, writing c. = cy, and denoting the corres- 
ponding value of k by kp, the following relation is obtained, 
r ; c 
— d’yp/dr? = — vp. (16) 
kp 
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From (15) and (16) it follows that 
i 0 9 / 9 
v Dycj v [ri v Co\ 71 v | dup/dr a 
bp by? - —--—)- 1-—)-—- ———_ (17) 
Up Dees vp \r rc; co/ r vp) d*v/dr* 


Since v = vp = c{R, when r R, 


i 0 0 
then ke = #41 — Dei (4 4) _(, _ a) nh, (18) 
Des \R_ cy c3/ R 


inwhich a = (2 2?/@?)r=R 
(d*v/dr* ),-R 


D} 


The functions vp and d*vp/dr? may be readily calculated. These functions, 
together with the values of the functions v and d*v/dr* for the particular set 
of conditions for which the numerical computations were carried out, are 
plotted in Fig. 1. Under the conditions chosen it is evident that a is a positive 
number somewhat less than unity. Also, since 71/R > c$/ci, and c$/ci < 1, 
it follows that k > kp. This conclusion might be anticipated from a con- 
sideration of Equation (5), since in all experiments the effective value of c2 
will always be less than c}, the value used in the Hartel and Polanyi treatment. 
Although the computations for the extreme limiting cases for which the diffu- 
sion flame method has been used have not, as yet been carried out, it seems 
reasonable to assume that a will, in general, be a positive number somewhat 
less than unity and that, in consequence, k will always be greater than kp. 


Some approximate deductions can be made from Equation (18) by assuming, 
as a first approximation, that a is equal to unity. The second term in the co- 
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Fic. 1. The functions vp (1), v (2), dup /dr* (3), and d’v/dr* (4), for the reaction Na + C2H,Cl 
= NaCl + C2H; at 260°C. The ordinate scale has heen reduced by a factor of 10%. 
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efficient of k would then indicate under what conditions the ratio of the two 
diffusion coefficients may appreciably affect the value of k. For ‘slow’ reactions, 
for which c} must be considerably greater than c} in order to confine the flame 
diameter to the usual range of 3 to 4 cm. it is evident that this term will be 
negligibly small. For ‘fast’ reactions, in which c} is made only slightly greater 
than cj, and especially if D, is considerably greater than D2, the contribution 
of this term might become quite appreciable. 


+ 


The third term in the coefficient of & vanishes when cz = c} and has its 
maximum value when c? = 0. It represents, therefore, the contribution of the 
impoverishment in cz at ry = 7; it is appreciable under all usual experimental 
conditions. 


By assuming a = 1, Equation (18) may be used to obtain an approximate 
lower limit for k when kp is known. In one of a series of experiments in which 
ethyl chloride was used as component 2 the value of kp was found to be 39.8 X 
10—"® em? molecules secy!. For the conditions used, assuming a = 1, the 
value of k calculated from (18) was 43.4 X 107%. The numerical solution of 
Equation (14), which was carried out for this same set of experimental condi- 
tions gave a value of k lying between the limits 46.5 KX 107" < k < 47.5 X 
10-". For this experiment a was, of course < 1, as shown by Fig. 1. A better 
approximation was obtained in this case, and would undoubtedly be obtained 
in a number of other cases, by assuming that for r = (r1+ R)/2, d*v/dr* = 
d*vp/dr? and v = vp. Equation (17) is then reduced to 


Dci \ (2 —R ».)$ 2ri 
kp/h mw 1 = 53 41 weep (he ‘ 
P; Daci p 5 kpes/D, eas. 





~ (0 -deh =. (19) 
R+1 

The value of k calculated from (19) was 47.2 X 107. In this case the value 
of ci was several hundred times greater than ci, while the ratio D,/D2 was 
estimated to be of the order of 2. Tjhe diffusion term was therefore negligibly 
small, and the difference between & and kp was caused entirely by the im- 
poverishment term. This value of & was very close to that calculated from 
Equation (5) after allowance was made tor the over-all impoverishment on 
the basis of Heller’s measurements (6). 


Discussion 


From the foregoing considerations it is evident that, if the first two assum p- 
tions of Hartel and Polanyi are valid, and if the reaction is moderately slow so 
that the ratio c}/c} is considerably greater than unity, the value of the rate 
constant calculated from the simplified equation of Hartel and Polanyi (Equa- 
tion (5)) will be smaller than the true value and will differ from it, in the case 
of flames of about 3 cm. diameter, by a factor of about 0.8. For any particular 
experiment the difference can be evaluated by computing k from Equation 
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(14), or can be calculated approximately from Equation (18) or (19). In many 
cases a correction for the average over-all impoverishment based on Heller’s 
measurements will give a very close value. For very fast reactions, however, in 
which c} and c} become comparable in magnitude, and especially when Dz is 
small compared to D,, the true rate constant will be dependent on the value 
of Ds. 


In order to obtain an accurate value of k& it will be necessary to ascertain 
the values of ci, c°, ci, Di, and R (and for very fast reactions, D2). As a rule, 
this can be done with reasonable certainty for all of the quantities except c?. 
While the maximum possible value of c} can always be obtained, its actual 
value will depend on the amount of back diffusion of the second component 
into the jet; as a result of this a certain fraction of the alkali metal, which it is 
difficult to estimate, will be consumed before reaching r;. Until a more com- 
plete mathematical treatment is developed, or until an experimental method 
is found for measuring c, at 7;, it is suggested that the experimental conditions 
should always be arranged so that back diffusion is negligible; these conditions 
have been discussed at some length by Heller (6). 


Some of the conclusions presented here are based on the single numerical 
computation which was carried out. It is anticipated that further computations 
will be carried out with the object of determining the factor a (Equation (18)) 
for widely different experimental conditions. It is believed, however, that the 
present treatment will help to lessen the uncertainty that has existed regarding 
the order of validity of the deductions made from diffusion flame experiments. 
At the same time it is evident that the present treatment is only a step in the 
direction of a complete mathematical solution of the problem. 
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THE ROLE OF AMORPHOUS INTERMEDIATE PRODUCTS 
IN THE DEHYDRATION OF CERTAIN HYDRATED SALTS! 


By G. B. Frost, K. A. Moon, ano E. H. TompkINs 


Abstract 


Following the dehydration of certain hydrated salts in high vacuum, an 
evolution of energy occurs. X-ray studies have shown that this energy liberation 
is due to an amorphous to crystalline transition in the products of dehydration. 
Measurements have been made of the integral heats of solution of the dehydra- 
tion products of copper sulphate pentahydrate and zinc sulphate hexahydrate 
formed at a series of low dehydration pressures. From these measurements, the 
fractional amounts of relatively high energy amorphous products formed at a 
series of low dehydration pressures have been calculated. It has been found that 
as the water vapor pressure near the reaction interface is increased, the fractional 
amount of high energy product decreases to a minimum, then increases, passes 
through a maximum, followed by a slow decrease. These results are interpreted 
in terms of a possible dehydration mechanism, and an estimation made of the 
effect of water vapor pressure on the over-all reaction rate. In the course of this 
study, the integral heats of solution of the crystalline hydrates involved have 
been determined. The heats of transition of the amorphous to crystalline forms 
of copper and zinc sulphate monohydrates are reported. 


Introduction 


The dehydration of a hydrated salt is an example of a type of heterophase 
reaction which involves the destruction of a crystal lattice and the formation 
of a new lattice which may sometimes differ markedly from the primary lattice 
in structura’ characteristics. In cases where there is a lack of accommodation 
of the two lattices at the reaction interface, the mechanism of such reactions 
may be quite complex, and may depend on certain variables in ways which 
are not clearly understood. 


In 1911, Partington (11) suggested that the primary step in a salt hydrate 
dehydration is the collapse of the lattice to form an amorphous intermediate, 
this step being followed by nucleation, and the development of the new crystal- 
line phase. For some years following this suggestion, the occurrence of such 
an amorphous intermediate was assumed by many workers, but it was thought 
that nucleation and the growth of the stable crystalline phase occurred very 
rapidly. 

This is probably the case at moderately high dehydration pressures. In 
1930, however, Slonim (13) showed that on low pressure dehydration of certain 
salts, an amorphous material is formed which crystallizes slowly. In 1931, 
Kohlschiitter and Nitschmann (9) found that on dehydration in high vacuum, 
copper sulphate pentahydrate gave a product which did not diffract X-rays, 
and that lines corresponding to the crystalline monohydrate appeared only 
after prolonged heating. Hammel (5) obtained similar results for other dimetal 
sulphates, and Volmer and Seydel (19) for manganous oxalate dihydrate. 

1 Manuscript received February 22, 1951. 
Contribution from the Department of Chemistry, Queen's University, Kingston, Ontario. 


Presented, in part, before Section III of the Royal Society of Canada, at the Royal Military 
College, Kingston, on June 6, 1950. 
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Somewhat divergent views have been expressed regarding: the nature of this 
X-ray amorphous intermediate, and its role in the dehydration mechanism. 
These views have been adequately dealt with elsewhere (2, 15), and need not 
be discussed here, except to say that the essential difference between them lies 
in the assumption of highly dispersed microcrystals of a size below the limit 
required for X-ray diffraction, as distinct from some type of disordered zeolitic 
structure, or possibly a disordered assembly of ions and water molecules. 


Volmer and Seydel (19) have found that the heats of solution of the X-ray 
amorphous and crystalline forms of manganous oxalate were 8500 and 6500 cal. 
per formula weight respectively, indicating a relatively high energy character 
of the product obtained by dehydration in vacuo. Khomyakov (8) observed 
that an evolution of heat occurred after the low pressure dehydration of copper 
sulphate pentahydrate, zinc sulphate heptahydrate, and manganous sulphate 
tetrahydrate. From the heat of solution of samples taken before and after the 
heat evolution, he calculated that 5020 cal. per formula weight were evolved on 
the formation of crystalline copper sulphate monohydrate from the amorphous 
intermediate, which he regarded as zeolitic in type. 


It is clear, from these results, that an X-ray amorphous intermediate results 
from the dehydration of certain salts at very low pressure, and that this inter- 
mediate is fairly stable and has a higher heat of solution in water than the 
resultant crystalline salt. However, no data are available regarding the effect 
of water vapor pressure in the dehydration zone on the formation of this 
intermediate, or as to whether or not there is a limit in pressure beyond which 
it does not occur. The present work was undertaken with the broad purpose 
of obtaining this information, which it was felt might throw light on the role 
of the amorphous intermediate in the reaction mechanism, and possibly con- 
tribute to the clarification of some of the other problems concerned with the 
nature of heterophase changes. 


The experiments reported in this paper have been carried out with the 
hydrates of copper and zinc sulphates. The experimental method has involved 
the determination of the integral heats of solution of salts which have been 
subjected to dehydration at controlled low pressures for definite times. The 
results of similar experiments with other salts will be reported later, as also 
will be the results of kinetic measurements which may be partly interpreted 
in the light of the present study. Work is in progress in an attempt to correlate 
these results with crystal structure data. 


It will be convenient to report the present work in three parts. Part I is 
concerned with some preliminary experiments carried out with the purpose of 
extending Khomyakov’s finding of a heat evolution following the low pressure 
dehydration of certain salts. The results of these experiments are helpful in 
interpreting those of the later work. 


In order to make quantitative use of the heat of solution method, it is neces- 
sary to know the integral heats of solution of the crystalline hydrates of copper 
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and zinc sulphate with greater accuracy than is indicated by available values. 
These have been determined and are reported in Part II. 


Part III is concerned with experiments bearing directly on the main purpose 
of the work as outlined above. 


Part I 
THE THERMAL EFFECT FOLLOWING THE DEHYDRATION OF CERTAIN SALTS 


There are sporadic references in the literature to a heat evolution following 
the dehydration of certain salts, this being usually attributed to surface 
changes. The results reported by Khomyakov, however, indicate clearly that 
these effects are associated with lattice changes involved in the reaction 
mechanism. The following experiments are an extension of those of Khomyakov. 


Experimental Method 


Several types of apparatus were used, but the form shown in Fig. 1 is ex- 
tremely simple and effective for qualitative observations. 


In this apparatus, the hydrate was held in place in the glass inner tube by a 
small layer of glass wool supported by narrow aluminum strips cemented to 
the glass. A heating coil of constantan wire and three junctions of a copper— 
constantan thermel were placed, as shown, in contact with the hydrate. The 
other three junctions were led, by means of a closed glass tube, into a mercury 
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Fic. 1. Apparatus used for observation of thermal effect following dehydration. 
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pool at the bottom of the containing vessel. Thermel e.m.f.’s were read by a 
Leeds and Northrup Type K-2 potentiometer with a sensitive galvanometer 
of suitable characteristics. 


Provision was made for dehydration being conducted either under high 
vacuum or at a series of controlled low pressures. The traps and manometer 
system need not be described. In order to reduce temperature fluctuations, 
the whole assembly of Fig. 1 was immersed in water, up to the side arm, in a 
covered Dewar flask, which in turn was placed in a water bath kept approxi- 
mately at the temperature of the hydrate. 


The hydrate, after being ground to a suitable mesh, was placed in the 
apparatus and the system left for about twenty minutes to come to thermal 
equilibrium with the surroundings. The system was then evacuated for some 
definite time, energy being supplied by the heater to just compensate for the 
self-cooling of the hydrate due to the endothermic loss of water. The heater 
was then turned off, but evacuation continued for 5 to 15 min. longer depending 
on the dehydration rate. Dried air was then slowly admitted until the final 
pressure became about 90 mm. Thermel e.m.f. readings were then recorded 
for several hours. In most cases, X-ray powder photographs were made before 
and after the experiments. 


Results and Discussion 


The results obtained with three separate samples of copper sulphate penta- 
hydrate are shown in Fig. 2. 


These samples were all separately dehydrated for.identical periods of time, 
at 45°C. and 0.8 mm. pressure. About ten minutes before the zero time 6f 
reading, the temperatures were lowered to 43.1°C., 33.0°C., and 28.7°C. re- 
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Fic. 2. Thermal effect following the low pressure dehydration of copper sulphate pentahydrate 
at three temperatures. 
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spectively. For each curve shown in Fig. 2 the fall in e.m.f. from zero to the 
point, P, is due to the dehydration continuing after shutting off the pumps. 
The sudden drop at point P is due to the admission of dried air, at room 
temperature. It will be seen that subsequent to this drop a rapid rise in 
temperature occurs, after a period of time which apparently depends on the 
temperature of the sample. In these curves, 120 microvolts corresponds to 
1°C. Samples dehydrated as above, but cooled to 25°C., showed no thermal 
effect, over several hours of observation. 


In Fig. 3 are shown similar e.m.f—time observations for two samples of zinc 
sulphate heptahydrate, the dehydration conditions being the same as those 
described in the foregoing, and the temperatures following dehydration being 
25.7°C. and 38.8°C. respectively. It will be observed that for the sample at 
25.7°C. the spontaneous evolution does not occur for over six hours after 
stopping the dehydration. 
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Fic. 3. Thermal effect following the low pressure dehydration of zinc sulphate heptahydrate, 
at two temperatures. 


The explanation of these effects became clear when samples taken before 
and after the thermal evolution were studied by X-ray diffraction. Powder 
photographs made prior to the thermal evolution showed no lines but only a 
slight darkening due to small angle scattering; those made subsequent to the 
thermal evolution showed a distinct pattern of monohydrate and possibly 
some trihydrate lines. There seems to be no doubt therefore that the thermal 
effect is due to the crystallization of amorphous material. It is needless to say 








= ea we 


ule, 


ore 
ler 
ya 
the 
aly 
nal 
ay 








FROST ET AL.: DEHYDRATION OF HYDRATED SALTS 609 


that the marked exothermic reaction cannot be accounted for by possible 
reactions between crystalline hydrates leading to thermodynamic equilibrium. 
It seems clear, therefore, that, on low pressure dehydration, water molecules 
leave the parent lattice which collapses into some sort of state which does not 
diffract X-rays. After varying periods of time (sometimes several hours) this 
collapsed lattice rearranges into the ordered crystalline state of the end product 
of dehydration, with the liberation of energy. 


We have carried out a large number of experiments similar to those described 
above, in which various pressures were maintained during dehydration. These 
need not be reported in detail, since the relation of the formation of the 
amorphous intermediate to dehydration pressure is treated by a more precise 
method in Part III of this paper. It is important, however, to mention one 
important finding from these experiments. That is, that there appears to be a 
definite upper limit of pressure beyond which the thermal evolution does not 
occur. In Fig. 4, for example, is shown a time-temperature plot of the results 
obtained in an experiment with copper sulphate, carried out in precisely the 
same manner as the experiments whose results are plotted in Fig. 2, except 
that the dehydration pressure was 1.85 mm. instead of 0.8 mm. It will be seen 
that there is no evidence whatever of any thermal effect, and that therefore, 
presumably, the amorphous intermediate is not formed at this pressure. We 
shall have occasion to refer to this result, which has been substantiated by a 
large number of experiments, in discussing the results reported later, in 
Part III. 


Curves similar to those shown in Figs. 2 and 3 were obtained for manganous 
sulphate tetrahydrate and ferrous sulphate heptahydrate. It is interesting to 
note, however, that no thermal evolution was observed for nickel sulphate 
hexahydrate, or for manganous oxalate dihydrate, although both of these salts 
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Fic. 4. Absence of thermal effect following dehydration of copper sulphate pentahydrate at 
1.85 mm. 
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are known to yield X-ray amorphous products. It is possible that the limiting 


pressure for these salts is very low. A slight but reproducible effect was found 
for cobalt chloride hexahydrate. 


Part II 


THE HEATS OF SOLUTION OF CRYSTALLINE COPPER AND 
ZINC SULPHATE HyYDRATES 


Experimental Method 


In order to utilize heat of solution data for the determination of the fractional 
amount of amorphous material formed on low pressure dehydration, it is 
necessary to know the heats of solution at infinite dilution of all the crystalline 
hydrates involved. Examination of the available data indicated too great an 
uncertainty in these values for this purpose. They had therefore to be obtained 
before the work described in Part III could be undertaken. The method used 
and the results obtained are reported in this section. 


Reagent grade copper sulphate pentahydrate was recrystallized several 
times, and finally allowed to crystallize slowly at constant temperature under 
the vacuum of a good water aspirator. The crystals were collected and dried 
at room temperature in dust-free containers. The crystals were analyzed for 
copper by electrodeposition. The water content was found to be 36.06%. 
The dried crystals were screened, and the through-sixty-on-one-hundred 
fractions used in the calorimetric determinations. 


It was found difficult to prepare samples of zinc sulphate heptahydrate of 
definite water content. However, it was found possible to prepare a uniform 
sample of the hexahydrate of the theoretical water content (40.14%) by 
allowing a solution of zinc sulphate to crystallize very slowly under partial 
vacuum at 38°C. These crystals were filtered, dried, and allowed to stand for 
several hours in a desiccator over calcium chloride. 


Powder photographs were made of each of these hydrated salts and the lines 
were found to compare with tabulated wave lengths. 


It is difficult to prepare samples of the lower hydrates of sufficient purity 
for calorimetric work. Accordingly, this was not attempted, but instead, 
mixtures of hydrates were prepared by dehydrating weighed samples of the 
pure copper sulphate pentahydrate or zinc sulphate hexahydrate, prepared 
as above, for various times at 100°C. and 56°C. respectively, at atmospheric 
pressure. Following these partial dehydrations, the loss in weight was re- 
corded and the percentage water in the sample calculated. The dehydrations 
were carried out in an Abderhalden apparatus containing fused calcium 
chloride as a desiccant. The samples, usually less than 0.5 gm., were contained 
in a Pyrex thimble which could be capped for weighing. All weighings were 
made on a microbalance, and the weights corrected to weights in vacuo. 











=e 


bee 


es 


ty 
d, 
he 
ed 
ric 
re- 
ns 
im 
1ed 


ere 








FROST ET AL.: DEHYDRATION OF HYDRATED SALTS 611 


It will be shown, from the data reported below, that in the case of copper 
sulphate, the products of these partial dehydrations were mixtures of either 
penta- and trihydrate, or, of tri- and monohydrate depending on the extent of 
dehydration; in the case of zinc sulphate, the products were mixtures of hexa- 
and monohydrate. The values of the heats of solution of the pure hydrates 
were obtained by extrapolating the experimental values obtained for the 
mixtures of known water content to the water content of the pure hydrates. 
For convenient reference, the percentages of water in these pure hydrates is 
given in the second column of Table IV. 


The calorimetric assembly is shown in Fig. 5. 
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Fic. 5. Apparatus for the determination of heats of solution. 


Two Dewar flasks were cemented in cylindrical brass supports E and F 
mounted in the rectangular brass frame SS. Thermel and heater leads were 
led into flask D through a large cork which was covered with a layer of glycerol- 
litharge cement and coated with sodium silicate solution. 


Flask C was fitted with a removable brass lid L, secured by wing nuts. A 
tight fit was ensured by means of the neoprene gasket G. Rapid dissolving 
of the sample and efficient stirring was provided by means of a glass stirrer 
mounted in the inner cylinder K. The heater (H) was made of B and S 30 
constantan wire in a protecting case. 


A weighed sample of the salt was contained in a Pyrex cylinder closed at 
top and bottom by tight fitting rubber disks sealed by polystyrene. The 
cylinder was held in place by the brass support M, and the hydrate could be 
released by applying pressure by means of the rod P. 
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The whole assembly could be lowered into a large oil bath maintained at 
constant temperature to + 0.003°C., by means of a windlass arrangement. 
Water in the auxiliary flask D could be brought to the temperature of the oil 
bath by means of a heater or by cooling with a stream of air bubbles, as 
required. A four-junction copper-constantan thermel leading from flask D 
to the oil bath served as a means of control. 


The heat of solution was determined by dissolving the weighed sample in 
an accurately known quantity of water in flask C, and measuring the tempera- 
ture difference between flasks C and D by means of a 20-junction copper- 
constantan thermel. Readings of the thermel e.m.f. were made with a Leeds 
and Northrup White double potentiometer in conjunction with a type HS 
galvanometer. Current and potential readings for the determination of heat 
capacity were made by measuring the potential drop over calibrated standard 
resistances in the heater circuit, time being measured by a calibrated synchron- 
ous timer in circuit. 


Calculation of the heat of solution from time-e.m.f. data was carried out 
according to the procedures developed by White (20). 


The values of the heats of dilution required to calculate the heats of solution 
to infinite dilution were calculated for each experiment from the accurate data 
reported by Lange, Monheim, and Robinson (10). 


Experimental Data 


The results of these measurements, with pertinent data, are given in Tables 
I, I] and III. 


In these tables, and in all the other experimental work reported in this paper, 
the symbol J will be used to designate the heat of solution at infinite dilution, 
per gram of solute, in defined calories. The symbol c will be used to designate 
the per cent water of hydration in a given sample. For purposes of experi- 
mental convenience, the temperature of 20.10°C. has been taken as the 
standard reference temperature in this work.* In a few of the reported ex- 
periments, the value of J has been corrected by a small fraction of a calorie 
per gram per degree in order to compensate for slight differences in the tempera- 
ture at which the determination was made. 


The data of Table I pertain to copper sulphate, and include those determi- 
nations in which less than two moles of water per formula weight of penta- 
hydrate was lost on dehydration. Experiments 3, 4, and 5 refer to the pure 
pentahydrate. 


The data of Table II again pertain to copper sulphate and include determi- 
nations in which more than two but less than four moles of water was lost on 


*The reference temperature of 20.1°C. was chosen in view of the fact that samples containing 
amorphous material were found to be more stable at this temperature than at 25°C. Heat of dilution 
values reported at 25°C. were corrected to 20.1°C. by graphical methods, using data given by Plake, 
Lange, Streek, Kelley, and others. At the very low molalities used, these corrections were found to 
be small and sometimes negligible. 
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dehydration. In no case was more than four moles lost even on prolonged 
dehydration in the Abderhalden apparatus at 100°C. 

The data of Table III are for zinc sulphate hexahydrate. 

When the values of J reported in Tables I and II are plotted against the 
corresponding values of c, two straight lines are obtained which intersect at a 
small angle at a value of ¢ corresponding to the empirical formula CuSO,, 
3.3 H,O. It is clear therefore that under the experimental conditions the 


pentahydrate dehydrates first to the trihydrate, and, when the pentahydrate 
is used up, the trihydrate formed decomposes to monohydrate. 


The straight lines fitted to the values of Tables I and II by the method of 
least squares are respectively, 
J = 75.24 — 2.276 ¢ (25.29 < c < 36.07) 
J = 82.74 — 2.552 c (10.14 < c < 25.29) 


The values of J in Table III lie on one straight line, with the exception of 
Expt. 12, which has been discarded. There is therefore again no evidence for 
intermediate hydrate formation in these experiments. The equation of the 
best straight line fitted to these points is 


J = 80.22 — 2.032 c (10.04 < c < 40.10) 


By substituting the proper values of c in these equations, the heats of solution 
for the crystalline hydrates given in Table IV are obtained. 


























TABLE IV 
D i Z. 
Hydrate c cal. per gram Kceal. per Temp. of 
formula weight solution, °C. 

CuSO.5H:0 | 36.07 — 6.85 —1.71 | 20.1 
CuSO,4:3H:0 | 25.29 17.69 3.78 20.1 
CuSO,4-H:0 |= 10.14 56.87 10.10 20.1 
ZnSO,-6H20 40.10 — 1.27 —0.34 } 20.0 
ZnSO,4-H,0 10.04 59.82 | 10.74 20.0 

Part III 


EFFECT OF DEHYDRATION PRESSURE ON FORMATION OF AMORPHOUS PRODUCT 


' As mentioned in the introduction, the main purpose of this work was to 
dehydrate copper sulphate pentahydrate and zinc sulphate hexahydrate at a 
series of water vapor pressures, and, from measurements of the heats of solution 
of the products obtained, to determine the effect of dehydration pressure on 
the fractional amount of amorphous product formed. The choice of the heat 
of solution method was made in view of the relatively high energy difference 
between amorphous and crystalline salts to which reference has been made. 











FROST ET AL.: DEHYDRATION OF HYDRATED SALTS 615 


Experimental Method 
The apparatus used for dehydration is shown in Fig. 6. 
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Fic. 6. Apparatus for the control and measurement of water vapor pressure in the reaction 
zone during dehydration. 

















About 0.5 gm. of the hydrate, between 60 and 100 mesh, was weighed into 
the tared glass thimble, F, and placed in the tube A, which was surrounded by a 
constant temperature bath (not shown). 


The manometer JCD, which was calibrated before each experiment, con- 
tained Amoil-S. One millimeter on the vertical gauge D corresponded to 
approximately 0.07 mm. mercury, while one millimeter on the slant gauge C 
corresponded to 0.006 mm. mercury. Control experiments indicated no 
solubility of water vapor in the Amoil-S at the low pressures, and over the 
times employed. 


The control of pressure in A was effected by adjusting the stopcocks Ss, S3, 
and S,4, a manostat being impractical for the low pressures required. For very 
low pressures, the 12 mm. stopcock S, was left open. For higher pressures, 
the stopcock S, was closed and the pressure was controlled by means of the 
3 mm. stopcocks S: and S;. Greater ease of adjustment was made possible by 
having the stopcock Sy, of a ‘throttling’ type, that is, the core had tapering 
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grooves cut in its circumference to permit small adjustments of the size of the 
leak. It will be observed that the manometer measured the pressure gradient 
between the points X and Y in Fig. 6. 


In carrying out a dehydration, all the air was first evacuated from the 
system by leaving the stopcocks open for a few minutes. This was possible because 
of the induction period preceding nucleation of the sample; that is, active 
dehydration would not begin during a two or three minute degassing period. 
The stopcocks were then adjusted to give the desired pressure gradient, and 
the dehydration carried out for a definite time with the vacuum pumps in 
operation. It was found that the pressure, as read by the vertical and slant 
gauges could be accurately maintained under these conditions. 


At the conclusion of the dehydration period, the pumps were shut off, the 
sample was cooled to about 15°C., and the water vapor pressure allowed to 
drop gradually by opening the stopcocks. Then, after about five minutes, 
dry air was admitted to the system by way of stopcock S,, and the thimble 
removed, capped, and weighed. Most of the sample was then transferred to 
the heat of solution cylinder, and the thimble reweighed. It was found by 
control experiments that these weighing and transfer operations could be 
carried out without the occurrence of crystallization. In most of the experi- 
ments, small samples were taken for X-ray powder determinations. Determi- 
nations of the heat of solution were made exactly as has been described in 
Part II. 


Experimental Data for Copper and Zinc Sulphates 


In Table V are reported the experimental results, and other pertinent data, 
for a series of experiments in which samples of copper sulphate pentahydrate 
were dehydrated at pressures ranging from 0.02 to 2.21 mm. of mercury. As 
before, J, is the heat of solution in calories per gram calculated to infinite 
dilution, and c is the per cent of water in the product. 


Several experiments were also carried out in which the pentahydrate was 
dehydrated at as low a pressure as possible (< 0.01 mm.) and for long periods 
of time, as long as several days in some cases in contrast with less than six 
hours for the experiments of Table V. The data for these experiments are 
given in Table VI. It will be observed that these prolonged dehydrations gave 
products containing less than one mole of water per formula weight of copper 
sulphate. It is interesting to note, however, that these products were X-ray 
amorphous. 


Data for zinc sulphate hexahydrate are given in Table VII. 


Treatment of Data for Copper Sulphate Pentahydrate 

It will be observed from Tables V and VI that dehydrations were carried 
out at approximately 45°C. and at pressures ranging from a few hundredths 
of a millimeter to a little over 2 mm. At 45°C., the equilibrium pressures 
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corresponding to the penta-trihydrate equilibrium, and the tri-monohydrate 
equilibrium are 31.8 and 21.8 mm. respectively. The equilibrium pressure of 
the mono-anhydrous equilibrium may be estimated to be between 4 and 5 mm. 
It follows that the anhydrous salt is the thermodynamically stable phase in 
the very low pressure range used. However, Garner and Tanner (3) found 
that, evea at very low pressures, dehydration proceeds very slowly past the 
monohydrate stage. This observation has been confirmed in the present work. 
At 80°C., crystals of monohydrate lose much less than 1% per hour of their 
weight, in high vacuum. The weight loss per hour at 45°C. is negligible. We 
may therefore conclude that no anhydrous salt was produced in Expts. 19 to 
32 in which dehydration was stopped before all of the pentahydrate was 
decomposed. 


It has been pointed out, however, that products containing less than one 
mole of water per formula weight of copper sulphate are produced in the very 
long vacuum dehydrations, reported in Table VI. 


The question now arises as to whether trihydrate may also be formed even 
though the pressures are far below the region in which trihydrate may exist 
as a thermodynamically stable phase. Obviously this could be so if the tri- 
hydrate, like the monohydrate, decomposes very slowly. All workers (3, 7, 18) 
are in agreement that in high vacuum at temperatures below 50°C. the tri- 
hydrate does not form except possibly as a short lived intermediate, and that 
the end product is monohydrate. Hume and Colvin (7) found that at 20°C. 
the presence of water vapor at low pressure retards the reaction velocity of the 
pentahydrate decomposition, while under greater pressures the decomposition 
gives first trihydrate, which decomposes only after all the pentahydrate has 
been used up. In some experiments which have been done in this laboratory 
on the kinetics of the pentahydrate decomposition, we have observed the 
formation of trihydrate at water vapor pressures of the order of 1 mm. These 
experiments, however, were done in a closed system in which a constant water 
vapor pressure was maintained. In high vacuum, or in the type of apparatus 
used in the present work where there was a continuous movement of water 
molecules away from the reaction interface, we have obtained no evidence of 
trihydrate formation in kinetic experiments. 


Unfortunately, data obtained by X-ray powder examination have proved 
inconclusive. Expts. 30 and 32 of Table V gave a clear pattern of mono- 
hydrate lines with no evidence of trihydrate. Expts. 23, 24, and 25, however, 
gave patterns of lines which could not be accurately identified and are therefore 
indicated in Table V as doubtful. In these experiments the powder was held 
in small thin-walled glass (707 DG Pyrex) capillaries, sealed in a flame at one 
end and with paraffin wax at the other. Even under these conditions, it was 
difficult to avoid having the sample a little too thick, which gave the effect of 
having more than one center and consequently made the identification of 
some lines difficult. The clear monohydrate patterns obtained in Expts. 30 
and 32, and the complete absence of trihydrate lines in these samples (when 
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they would be most likely to occur), leads us to believe that the formation of 
trihydrate, if it occurs at all, is likely to be small. The possible effect of tri- 
hydrate formation in the mathematical treatment of the data of Tables V and 
VI will be referred to below. 


Consideration must be also given to the occurrence of adsorbed water. 
Because of the electric charge of the copper and sulphate ions in the amorphous 
intermediate, and because of the polarity of the water molecules escaping from 
the underlying pentahydrate lattice, water molecules will be adsorbed at the 
reaction interface. These, however, will have a strong tendency to escape into 
the low pressure region outside of the reaction zone, since the adsorption forces 
are certainly not greater than the binding forces in the original lattice. Further- 
more, it appears likely that only a comparatively small adsorption is required 
to induce nucleation and consequent crystallization of the amorphous material, 
which therefore could not exist at all if the adsorption were very great. 


Since we have no means of determining quantitatively, the extent of this 
interfacial adsorption of water, we shall assume for the moment that it does 
not occur in such amounts as will seriously affect the quantitative approach 
now to be made. An estimation of the effect of this assumption will be 
made later. 


Assuming then the absence of the anhydrous salt, and of such quantities of 
trihydrate or of adsorbed water as would seriously affect the quantitative 
deductions to be made, the end state of the dehydration process will result in a 
mixture of three or fewer of the following substances: 

(a) Undecomposed pentahydrate; which will presumably be in the form of 
cores underlying the reaction zones. 

(6) Crystalline monohydrate, probably in the form of very small crystals. 

(c) Amorphous material, assumed, in the absence of adsorbed water, to 
have the composition, CuSO,-H,O, but to be in such a state that X-rays are 
not diffracted by it. 


Now, what we wish to determine is a quantity, Q, which we shall define as 
the ratio of the weight of amorphous monohydrate in the product to the total 
weight of monohydrate, whether crystalline or amorphous. 


Defining the following quantities: 

= the heat of solution of crystalline pentahydrate in calories per gram, 
the heat of solution of crystalline monohydrate in calories per gram, 
the heat of solution of amorphous monohydrate in calories per gram, 
the per cent of water in pentahydrate, 

the per cent of water in monohydrate, 

the per cent of water in the product, 

the number of grams of crystalline pentahydrate in 1 gm. of product, 
the number of grams of crystalline monohydrate in 1 gm. of product, 
the number of grams of amorphous monohydrate in 1 gm. of product, 
= the heat of solution at infinite dilution per gram of product, 
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aA +bB+6D = 
xA+yB+ 2D 
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¥-* @-@ &-7F) 
Substituting the proper values of x, y, a, and b from Table IV, we obtain: 
25.93 (J + 6.85) (63.72) 


dies (¢ — 56.87) (36.07 —c) (2 — 56.87). 











It is apparent that Q can be calculated if z (the heat of solution per gram 
of the amorphous product) is known. 


There are now, two ways in which z may be evaluated. 


(1) It will be observed from Table VI that the samples in Expts. 33 to 39 
were dehydrated to water contents below the percentage of water in the 
monohydrate (10.14%). Since these samples were X-ray amorphous, if the 
values of J are plotted against the corresponding values of c, extrapolation to 
c = 10.14 should give the heat of solution of the amorphous monohydrate. 
These values lie fairly consistently on a straight line, but the extrapolation is 
best performed by the method of least squares. There is obtained; 


J = 149.0 — 5.098 c (0.00 < c < 10.14). 
Hence for c = 10.14, J = z = 97.3 cal. per gm. at 20.1°C. 


(2) The data of Table V may also be used for evaluating z based on the 
assumption that Q approaches unity as the pressure maintained during de- 
hydration is decreased to zero. The heat of solution of all the monohydrate 
in a given sample, regardless of state of aggregation, should then increase as 
the pressure is decreased, reaching its maximum value at zero pressure. 


From defining equations used in the foregoing, and letting J’ be the heat of 
solution of the monohydrate without regard to state of aggregation, it is easy 
to show that, 
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ies J—xA 
1-A 
and that 
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Substituting the proper numerical values for a, b, and x, we obtain, 
Hig 25.93 (J + 6.85) 
(36.07 — c) 
Applying this formula to the lower pressure experiments of Table V we obtain 
the results given in Table VIII. 





— 6.85. 











TABLE VIII 
| | | 

Expt. Pxu.o(mm.) c * 36.07 —c | J+ 6.85 J” 
19 | 002 | 27.18 | 2810 | 889 | 3495 | 95.09 
20 0.07 | 27.87 25.30 | 8.20 32.15 | 94.82 
21 0.13 | 22.43 45.80 | 13.64 | 52.65 | 93.24 
22 | 021 23.12 41.04 | 12.95 | 47.89 89.04 
23 | 0.44 23.75 39.07 | 12.32 | 45.92 89.80 
24 om | BS | bis | 43 14.97 85.35 
28 1.38 33.26 0.11 | 281 6.86 57.36 





When the values of J’ corresponding to the lower pressures, are plotted 
against the values of Py,0, the points are found to lie on a nearly straight line 
excepting the value for Expt. 22. The intercept on the zero pressure axis is 
95.5 cal. per gm. 


The difference between the values of z as determined by these two methods 
is not significant in the evaluation of Q. However, the discrepancy of 1.8 cal. 
per gm. cannot be ascribed to calorimetric error. It seems more likely that 
this difference is due to the presence of adsorbed water, and is possibly indica- 
tive of the error introduced by ignoring the presence of adsorbed water in the 
equations used to calculate Q. It will be recalled that the dehydrations re- 
ported in Table VI were very prolonged; evacuation was continued long after 
water vapor had ceased to be given off in appreciable quantities. On the other 
hand, the dehydrations reported in Table V were discontinued when only a 
fraction of the pentahydrate had decomposed, under which conditions water 
molecules would be passing through the pseudomorph from the reaction 
interface when the dehydration was stopped. In the interval between discon- 
tinuing dehydration and the admission of dry air to the dehydration system 
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it is certain that some adsorption would occur. The heat of solution of the 
product obtained would therefore be expected to have a lower value than that 
obtained for evacuated amorphous products, which is seen to be the case. 


Using the value of z of 95.5, the expression obtained for Q reduces to: 
(J + 6.85) _ 


= 0.6712 
e (36.07 — c) 


1.65. 


In Table IX are given the results obtained when this formula is applied to 
the data of Table V. These results are plotted in Fig. 7. 





























TABLE IX 
Expt. | | 
No. Pu.o(mm.) | E | c | Q 
19 0.02 | 28.10 | 27.18 0.99 
20 0.07 | 25.30 | 27.87 0.98 
21 0.13 | 4580 | 22.43 0.94 
22 0.21 | 41.04 | 2312 | - 0.83 
23 0.44 | 39.07 | 23.75 | 0.85 
24 084 | 812 | 31.86 0.73 
25 105 | 377 | 32.86 | 0.57 
26 1.11 9.62 | 30.57 | 0.36 
27)6|)60C l1a7)—Cti«d|:sC47 | - 88.48 0.21 
23 | 138 | o11 | 3326 | 001 
29 | 146 | 19.93 26.11 | O15 
30 | 151 16.83 | 27.17 | 0.14 
31 | 181 17.91 | 27.12 | 0.22 
32 | 2.21 | 50.42 | 15.05 | 0.18 
| 
40 
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Fic. 7. Dependence of formation of energy-rich amorphous product on water vapor pressure 
in reaction zone (CuSO4:5H20). 


The curious character of the Q-curve will be discussed after the results 
obtained for zinc sulphate hexahydrate have been given. It is desirable at 
this point however to refer again to the type of error that may have been 
introduced into our evaluation of Q by ignoring the possibility of trihydrate 
formation. 
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Let us suppose that copper sulphate pentahydrate partly dissociates into 
crystalline monohydrate, and that the product contains c per cent of water 
and has a heat of solution of J; calories per gram. Alternatively, let us suppose 
that the pentahydrate dissociates into both trihydrate and monohydrate to 
such an extent that the percentage of water in the product is again equal to c, 
but that the heat of solution per gram is now J;. It is not difficult to show that: 
J; = J; — 2.008 
where @ is the number of grams of trihydrate per gram of product. It will be 
seen, therefore, that J; can never be greater than J;. The experimental heats 
of solution are actually very much higher than would be the case if the product 
consisted only of crystalline penta- and monohydrates, except at the minimum 
of the Q-curve where (as will be seen from Table VIII) the value of J’ is equal 
to the heat of solution of pure crystalline monohydrate within the limit of 
error. This higher heat of solution cannot therefore be accounted for by the 
presence of trihydrate, and can only be due to the presence of the energy-rich 
amorphous aggregate. It will also be seen that J; does not differ greatly from 
J, for small quantities of trihydrate. This, of course, is because the heat of 
solution of trihydrate is not far from that of a mixture of monohydrate and 
pentahydrate of the same value of c. 


Treatment of Data for Zinc Sulphate Hexahydrate 

It has been shown in Part II that at 56°C. the dehydration of zinc sulphate 
hexahydrate at atmospheric pressure proceeds directly to the monohydrate, 
one straight line fitting all the points when the heat of solution is plotted 
against the water content of crystalline material. It is therefore very im- 
probable that intermediate hydrates are formed as part of the final product in 
dehydrations at 45°C. in high vacuum or at low pressures of water vapor, 
provided there is a continual movement of water molecules away from the 
reaction interface. The X-ray evidence has been found to support this view. 
The diffraction pattern obtained for the hepta-, hexa-, and monohydrates are 
very distinctive and no evidence for lines other than those for the hexa- or 
monohydrate have been obtained in this work. 


The data for 11 experiments with zinc sulphate hexahydrate have been given 
in Table VII. These data may be used to evaluate the heat of solution of 
amorphous zinc sulphate monohydrate by the same methods which have been 
developed in the foregoing. For this case, it may be shown that, 

yr = 30.06 (J + 1.27) 
(40.10 — c) 


Applying this formula to the data of Table VII, and plotting J’ against the 
pressure, the intercept on the zero pressure axis is found to be 102.2 cal. per 
gm., which will be taken as the heat of solution of amorphous zinc sulphate 
monohydrate. Using this value, the formula for Q becomes, 

— 0.709 (J + 1.27) 
(40.10 — c) 


1.27. 


~~ 1.44. 
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The values of Q obtained for Expts. 40 to 50 are given in Table X and are 
plotted against water vapor pressure in Fig. 8. 






































TABLE X 
Expt. | 
No. Py.o(mm.) | J c Q 

40 0.02 | 97.45 11.29 0.99 
41 0.12 | 89.29 13.07 0.94 
42 0.45 | 66.90 18.24 0.77 
43 0.71 | 40.08 23.97 0.38 
44 0.82 | 33.30 24.33 0.12 
45 0.95 32.52 23.75 0.03 
46 1.12 | 45.48 18.25 0.08 
47 1.14 51.61 16.12 0.12 
48 1.22 | 45.24 18.10 0.06 
49 1.55 | 46.89 17.63 0.08 
50 2.62 | 53.68 14.43 0.08 

+0 

a Aecnwry 
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Os }—— 
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a ° 
° 
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Fic. 8. Dependence of formation of energy-rich amorphous product on water vapor pressure in 
reaction zone (ZnSO4-6H:0). 


It will be observed that the Q curve has the same character as that obtained 
for copper sulphate pentahydrate. 


Heats of Transition 


From the values of the total heats of solution of the crystalline and amorph- 
ous monohydrates given in the foregoing, we may now calculate the following 
values for difference in heat content between the crystalline and amorphous 
monohydrates. We obtain: 

CuSO,-H,O (amorphous) — CuSO,-H:0O (crystalline) 
A H = — 7170 cal. mole 


293 
ZnSO,.-H:O (amorphous) — ZnSO,-H.O (crystalline) 
A H = — 7600 cal. mole 


293 
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General Discussion 


Inspection of the curves shown in Figs. 7 and 8 shows that the values of Q 
decrease with increasing water vapor pressure, pass through a minimum, and 
then rise to a small value before steadily decreasing. These minima lie at 
pressures of 1.4 mm. for copper sulphate and at 0.95 mm. for zinc sulphate. 
These curves would seem to indicate that the fractional amount of amorphous 
material decreases with increasing pressure of water vapor up to the limiting 
values given, but then increases with increasing pressure over the range indi- 
cated by the curves. 

In order to interpret this surprising result we may first recall the experiments 
reported in Part I in which no evidence was obtained of any amorphous to 
crystalline transition above a pressure maximum in the vicinity of 1.8 mm. for 
copper sulphate. This coincides within the range of the experiments of Part I, 
to the minimum of the Q curve. The anomalous rise in values of Q at pressures 
above this value cannot therefore be due to the formation of an amorphous 
intermediate which may spontaneously crystallize. Cause for this increase 
must therefore be sought in other factors. It must be emphasized however 
that the increase in Q to the right of the minimum corresponds to the formation 
of a product of higher heat of solution than the crystalline monohydrate. It 
has been shown in the foregoing that the heat of solution of the amorphous 
material formed on vacuum dehydration of copper sulphate pentahydrate 
exceeds that of the crystalline monohydrate, by 38.6 cal. per gm. Simple 
calculation shows that the material formed at the maximum of the anomalous 
portion of the Q curve for copper sulphate exceeds the heat of solution of the 
crystalline monohydrate by nearly nine calories per gram. 


It will be helpful at this stage to attempt to form some sort of working 
hypothesis as to the nature of the dehydration process. Copper sulphate 
pentahydrate crystallizes in the triclinic system, and the lattice parameters 
and crystal structure have been determined by Beevers and Lipson (1). They 
found that each copper ion is surrounded octahedrally by (a) four water 
molecules in the form of a slightly distorted square and (6) two oxygen atoms 
of adjacent sulphate ions. The fifth water molecule is joined to two sulphate 
oxygens and two of the coordinated water molecules by a tetrahedral arrange- 
ment of bonds. Copper sulphate monohydrate approaches an orthorhombic 
structure. Its lattice parameters differ markedly from those of the pentahydrate 
(6). The detailed structure has not been worked out. Taylor and Klug (16) 
have discussed several aspects of the mechanism of dehydration of the penta- 
hydrate in terms of the lattice parameters, and Garner and Pike (4) have 
studied the shapes of the dehydration nuclei, which they have shown to form 
more readily along certain planes than on others. 


Although many details are doubtful, we may tentatively visualize the 
processes of dehydration somewhat as follows. As the pentahydrate crystal 
loses water, a decomposition interface is set up on one side of which is the 
pentahydrate lattice, and on the other side a ‘skeleton lattice’ having the 
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pentahydrate structure, but less the four co-ordinated water molecules. This 


skeleton lattice probably collapses after a very short life into the X-ray amor- 
phous condition with which the foregoing experiments have been concerned. 


This amorphous condition may be a disordered assembly of microcrystals 
of a size below the limit required for X-ray diffraction. Roginsky (12) has 
presented powerful arguments for this point of view. It is conceivable how- 
ever that it may be regarded as disordered assembly of copper ions and sulphate 
ions to the latter of which presumably the ‘fifth’ water molecule remains at- 
tached. In such a state, the ions would be subject to interionic attractions 
such as exist in a highly concentrated solution, but orientation into a lattice 
structure would be prevented by lack of mobility. Such a state might also be 
pictured as a very highly strained or distorted lattice. 


The experimental work reported in this paper does not contribute in any 
way toward deciding between these points of view. We have found however 
that the second one lends itself more readily to vizualization and we shall use 
it in a tentative way. As dehydration proceeds, water molecules continue to 
escape from the pentahydrate side of the decomposition interface. These will 
be attracted by the positive and negative ions of the pseudomorph layer, 
resulting in some interfacial adsorption, which will in turn reduce the interionic 
attractions and increase the ionic mobility. Nucleation will therefore result, 
followed by a growth of the crystalline phase of the end product. The evo- 


lution of heat following dehydration is undoubtedly due to this crystallization 
following a nucleation period. 


This picture is therefore helpful in visualizing the probable mechanism of 
the processes occurring in the experiments reported in Part I of this paper. 
It leaves much unexplained in interpreting the effect of external water vapor 
pressure on the fractional amount of amorphous material formed. Qualita- 
tively, it might be supposed that as the external water vapor pressure is 
increased, an increasing adsorption occurs, resulting in the increased ionic 
mobility, nucleation, and crystallization referred to. At a certain limiting 
pressure the amorphous state might be expected to have only a transitory 
existence and would crystallize as soon as formed. Above this limiting pressure, 


therefore, the dehydration would to all intents and purposes proceed directly 
to the end crystalline product. 


However, it will be observed from the Q-curves of Figs. 7 and 8 that the 
decrease in amount of amorphous product is extremely sensitive to increasing 
water vapor pressure over a very narrow range. The minimum in the Q-curve 
for copper sulphate pentahydrate occurs at only 1.4 mm. We have no 
knowledge as to how the interfacial adsorption of water vapor varies with 
pressure over this very small range, nor can such knowledge be readily ob- 


tained. The change in adsorption is probably very small. It is of course 


possible and indeed probable that the extent of adsorption required to induce 
ionic mobility is also very small. 
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It is clear, however, that whatever the role and extent of interfacial ad- 
sorption may be, we have to do with the following over-all reactions: 
I. Initial lattice — amorphous state + water vapor 
II. Initial lattice — crystalline end product + water vapor 
III. Amorphous state — crystalline end product. 


The experimerital data reported in this paper indicate clearly that under 
high vacuum, or very low pressures of water vapor, the dehydration proceeds 
according to Reaction I. At higher pressures, it proceeds by Reaction II. 
Reaction III must proceed by volume nucleation of the amorphous product, 
followed by movement of a crystalline-amorphous interface through the mass. 


At low pressures, Reaction III must occur so slowly relative to the rate of 
Reaction | that no crystalline end product is in contact with the decomposing 
primary lattice, in which case the over-all rate of dehydration will be the rate 
of Reaction I. At higher pressures, the experimental data indicate that Re- 
action III occurs so rapidly that the crystalline end product always keeps in 
contact with the surface of primary lattice, in which case the over-all rate of 
dehydration would be that of Reaction II. Both of these over-all rates should 
decrease with increasing water vapor pressures. 


Intermediate between these extremes we might imagine the case when the 
reaction rate is governed by the rate of Reaction III. This rate may be ex- 
pected to be very sensitive to the presence of water, in terms of the picture 
suggested in the foregoing. From a purely qualitative point of view it should 
increase with increasing external water vapor pressure, although no deduction 
can be made as to by what mechanism this process would influence the over-all 
rate as a function of water vapor pressure. 


It follows from these considerations that the Q-curves obtained for the 
copper and zinc sulphate hydrates must be interpreted, in part, from the stand- 
point of the rates of these dehydration processes. It would at least be expected 
that the over-all rates would not have a simple relation to the water vapor 
pressures. 


Smith and Topley (14) have studied the rate of decomposition of copper 
sulphate pentahydrate over a pressure range of zero to 0.04 mm. They found 
that the rate merely decreased with pressure over this range. However, 
Topley and Smith (17) and Volmer and Seydel (19) found that the rate of 
decomposition of manganous oxalate dihydrate had a curious dependence on 
external water vapor pressure, falling rapidly at first, then rising, passing 
through a maximum, and then slowly decreasing. These results have been 
thoroughly discussed in an excellent paper by Colvin and Hume (2). 

The data of Tables V and VII may be used to estimate the form of the 
relationship between rate of dehydration and water vapor pressure. Let the 
following assumptions be made: 

(a) The decomposing hydrates consist of a large number of identical 
spherical particles of radius ro cm., 
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(6) In all cases, all the particles are completely nucleated over their entire 
surface as soon as the system is evacuated, 


(c) The impedance effects of the pseudomorph are negligible. These as- 
sumptions are, of course, only approximate, but, of the three, the second is 
most likely to cause error in the relative values of the calculated rates. This 


is because the induction period preceding nucleation is an unknown and highly 
variable quantity. 


Now, let it be further assumed that the reaction interface in each particle 
is in the form of a contracting spherical envelope, and that the linear rate of 
advance of the interface is constant and equal to v centimeters per minute. 
At any time, ¢, the rate of loss in weight of each particle is given for copper 
sulphate pentahydrate by, 


) ‘ 72.24 
i = 4m (radius of envelope)? pv a3 
dt 249.71 





where p is the density, and 72.24 gm. of water is liberated by 249.71 gm. of 
pentahydrate. 


If, now, we let W be the total loss in weight per particle during the dehy- 
dration period, the loss in weight per gram is given by, 
W__ _ 4npv (0.289) {* 
4 Le 4 3 (70 
: /3 7719p 3779p Jo 
where ¢’ is the time at the end of the dehydration. 
The expression on the right reduces to 0.867 B, where 


B = A—A?+}4A} 





— vt)? dt, 





and A= . 
ro 
Hence, B = anes (loss in weight per gram at the end of the dehydration 
86 
period) 


_ 1.153 (36.06 — c), 
(100 — c) 
where, as before, 36.06 is the per cent of water in copper sulphate penta- 


hydrate, and c is the per cent of water in the product. The analogous formula 
for zinc sulphate hexahydrate is, 


_ 9.913 (40.14 — c) 
(100 — c) 








From the values of c given in Tables V and VII we may calculate B for each 


dehydration time, and hence obtain af . The values obtained are given for 
ro 

copper sulphate pentahydrate in Table XI and for zinc sulphate hexahydrate 

in Table XII. 
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The rate constants evaluated in Tables XI and XII are plotted against the 
dehydration water vapor pressure in Fig. 9. 














TABLE XI 

Expt. Px.0(mm.) c t’ (min.) | 2 .198 

No. ro 
19 0.02 27.18 170 9.8 
20 0.07 27.87 203 y 
21 0.13 22.43 259 10.3 
22 0.21 23.12 154 16.4 
23 0.44 23.75 215 11.1 
24 0.84 31.86 176 4.4 
25 1.05 32.86 225 2.6 
26 1.11 30.57 350 2.9 
a4 1:27 33.43 327 15 
28 1.38 33.26 180 2.8 
29 1.46 26.11 353 5.4 
30. | 1.51 27.17 339 4.9 
31 | 1.81 34.21 241 6.9 
32 2.21 15.05 320 14.9 





TABLE XII 
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Fic. 9. Calculated dependence of over-all rates of dehydration on water vapor pressure. 
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These curves strongly suggest that the type of relationship found by 
Topley and Smith, and by Volmer for manganous oxalate, and hitherto 
regarded as a unique case, should also be found for copper sulphate penta- 
hydrate and zinc sulphate hexahydrate and possibly for other salts in which 
an amorphous intermediate plays a role in the dehydration mechanism. The 
desirability of extending the experiments of Smith and Topley into a higher 
pressure range is indicated. 


Returning once more to a consideration of Figs. 7 and 8, it is clear then that 
the decreasing values of Q to the left of the minima may be explained by the 
decreasing rate of formation of amorphous material in the pressure ranges 
involved. In other words, as the amorphous material is formed, there is an 
increasing rate of crystallization as the water vapor pressure is increased. At 
the minimum of the Q-curve, the rates of formation and crystallization of 
amorphous material are equal. To the right of the minimum, the tendency 
to crystallization will exceed the tendency to form amorphous material. It is 
probable that this will result in the formation of very small crystals having 
high surface energies relative to those formed more slowly at higher pressure, 
or also relative to those formed at the minimum of the Q-curve where the 
amorphous forming and crystalline forming rates are equal. Powder photo- 
graphs made of the product obtained in the anomalous region show in the 
main.a broadening in the lines suggesting smaller size or possibly the presence 
of imperfections in the crystallites. However, much more experimental work 
on this aspect is necessary before valid conclusions can be drawn. 


While this explanation of the increase in energy content of the product 
formed at dehydration pressures above those corresponding to the minima 
must be regarded as tentative, the experiments reported seem to indicate a 
definite difference in character in the energy-rich products formed at pressures 
to the right and left of these minima, in that the latter show a tendency ‘to 
spontaneous crystallization, whereas the former do not. 
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